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ABSTRACT 


This paper presents some results of a survey of the action of various quinones and 
dyes, of the phenazine, azo, triphenylmethyl, indigoid, and thiazine types, as corroding 
agents in acid solution on cadmium, tin, lead, and copper. Reactions are described 
whose rates are (1) diffusion controlled, (2) chemically controlled, (3) partly diffusion, 
partly chemically controlled, and (4) subject to inhibition by reduction products or 


intermediate compounds. 


INTRODUCTION 


If the “‘diffusion theory” of dissolution rates (1—4) 
is valid for a metal dissolving in a rapidly stirred 
solution, the chemical reaction must be sufficiently 
rapid to reduce the concentration of one reagent, 
at the metal surface, to a small fraction of its value 
in the bulk of the solution. In this manner a con- 
centration gradient is set up, and the rate constant 
k for the dissolution process is given by the equation 


_ 2.3 V dlog (a — 2) 


(I 
A dt ) 


where A is the area of the test specimen and (a — x) 
is the amount of the critical reagent remaining at 
time / in the volume V of the solution. 

If the chemical process is sufficiently slow, it is 
rate controlling and no concentration gradient exists. 
The rate may be of first order as in equation (1), but 
the value of / must be much smaller than in the case 
of diffusion control. Intermediate cases are possible 
when chemical and diffusion constants are of the 
same order of magnitude (3). Small first order con- 
stants may be obtained if reagent, product, or other 
material is strongly adsorbed and completely covers 
the metal surface, or if diffusion through a solid 
film controls the rate. If a reaction product or inter- 
mediate compound is less strongly adsorbed, or- 
dinarily more of the surface will become covered 
as the reaction proceeds and the concentration of 
this material increases, and the rate is not of first 
order. All these* types of reaction are illustrated 
below. 


Corrosion of metals by dilute acids alone is largely 


‘Manuscript received December 23, 1949. This paper, 
from a dissertation submitted by Melvin Hochberg in par 
tial fulfillment of the requirements for the degree of Doctor 
of Philosophy at New York University, prepared for de 
livery before the Buffalo Meeting, October 11 to 14, 1950. 

* Present Address: Nopco Chemical Company, Harri- 
son, New Jersey. 


due to electrochemical action between anodic and 
cathodic portions of the surface. In the presence of 
oxidizing agents which act as depolarizers, corrosion 
may occur with or without evidence of such electro- 
chemical action.’ This paper reports part of a survey 
of the action of depolarizers in aqueous acids, mainly 
dyes whose redox potentials are known or could 
be measured. A special search was made, though 
not very successfully, for any relation between dis- 
solution rate and potential of the oxidant-reductant, 
metal-metal ion system. 


EXPERIMENTAL 

Cylindrical test specimens of the metals (cadmium, 
tin, lead, or copper), 2.00 + 0.04 em in diameter and 
approximately 2.54 em long, were mounted on a 
stamless steel motor-driven shaft. Ends were pro- 
tected with rubber washers and exposed parts of the 
shaft were coated with varnish. Most runs, unless 
very slow, were continued until 75 per cent or more 
of the reagent had been reduced, with frequent in- 
terruptions for weighing the test piece and measur- 
ing the potential. The metal-metal ion potential was 
measured vs. a saturated potassium chloride-calomel 
half-cell; the redox potential with a shiny platinum 
electrode and the same half-cell. Metal spécimen- 
platinum electrode potentials were in close agree- 
ment. Most measurements were made with the shaft 
motionless. A student-type potentiometer was used. 

Since atmospheric oxygen is a depolarizer, all tests 
were conducted under nitrogen. Solutions were de- 
aerated by boiling under reduced pressure or by 
flushing with nitrogen for 15 minutes. The specimens 
lost less than one milligram in weight in 60 minutes 
rotation in air-free acid solutions. Dissolution rates 
were little affected by etching of the cylinders, which 
accordingly were polished only at the beginning of 
ach run (with very fine emery paper and then 
rouge paper). 


3 See “Summary and Conclusions.”’’ 








Some of the dyes caused excessive foaming of the 
solutions at the rotational speeds used. In such cases 
a few drops of n-octyl alcohol were added to reduce 
foaming, provided the dye was not extracted by this 
material. 


Excess Depolarizer 
In the presence of excess depolarizer and under 
constant conditions of temperature, stirring speed, 
ete., magnesium, zinc, and cadmium have been re- 
ported to dissolve at nearly the same rate in solutions 


TABLE I. The dissolution rate of cadmium in solutions 


containing excess p-benzoquinone al 25°C 


: ( Vol 
: , rpm k 
Acid quinone ume I 
M ml em min”! 


0.01IM HCl 

0.005M HCl 
0.0005M HCl 
0.0005M HAc* 
0.00645M NaHMat 


0.013 | 1000 3200 2.57 
0.023 1000 3200 2.38 
0.006 | 3500 | 13000) 13.9 
0.006 | 3500 13000 5.06 
0.066 250 3200 0.78 


* Acetate. 
+ Malonate. 


TABLE II Diffusion controlled rates with excess acid 


Depolarizer, 3.5 KX 10-°M p-benzoquinone. Metal eylin 
ders 2 x 2.54 em, 25°C, 3200 rpm, 250 ml solution. EF = po 


tential between metal and platinum, with platinum 


cathodic. 


Acid or buffer Metal E k 
mi cm min 
0.1M HCl, 0.05M Glycine Cd 0.88 
0.03M HCI, 0.07M KHPh* Cd 0.82 
0.1M HAc,t 0.1M NaAect Cd 900 0.82t 
0.1M HAc, 0.1M NaAe Pb 660 0.86 
0.1M HAe, 0.1M NaAe Sn 0.0 
0.1M HCl Sn 825 | 0.86f 
2.0M HCl Sn 1000 | 1.71§ 
0.1M HAe, 0.1M NaAe Cu 180) 0.244 


* Phthalate. 

t Acetate. 

t Estimated from slope at zero time. See Fig. 1. 

§ See text 

containing limiting concentrations of a given acid 

(5, 6). Such rates are approximately proportional to 

the diffusion coefficients of the acids used (4, 7). 
The results of experiments with cadmium cylinders 

rotated in solutions containing excess benzoquinone 

and limiting concentrations of acids are given in 

Table I. 

plotting log (a — 


Values of / (equation I) were obtained by 
x) vs. time and measuring the 
slopes. Several facts indicate that these are diffusion- 
controlled rates. All the plots are linear. The rate 
constant in hydrochloric acid at 3200 rpm is almost 
identical with the value found for zine under similar 
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conditons (8). The rate increases greatly with speed 
of rotation, and decreases as the diffusion coefficient 
of the acid decreases. 
Excess Acid 

In Table II rate constants are given for cadmium, 
tin, lead, and copper in excess acid solutions of 
various types, with p-benzoquinone as depolarizer, 
Fig. 1 shows plots of log (a — x) vs. time for these 
experiments. The reactions of cadmium in highly 
acid solution and of lead in the acetate buffer are 
of first order with respect to the quinone concen- 
tration, and the diffusion controlled rate constant 
in this type of solution is of the order of 0.82-0.88. 
The reaction of cadmium in the acetate buffer is not 
strictly first order, but approaches the same slope at 





LOG (@-x) + 4& 
+> 


° 
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Fic. 1. Benzoquinone as depolarizer. See Table IL. a-r 
estimated from weight loss of the metal. (1) Tin in acetic 
acid buffer; (2) copper in acetic acid buffer; (3) tin in 0.1M 
HCl; (4) cadmium in acetic acid buffer; (5) eadmium HCl 
glycine (+), lead in acetic acid buffer (O); (6) tin in 2.7 HC! 
where M/D = 0.5. 


zero time. This type of curve indicates inhibition by 
a reaction product, and will be discussed later. 
Tin does not react appreciably in the acetate 
buffer. Although no visible film appears on the 
cylinder, it is probable that a very insoluble, pro- 
tective film is formed on the metal. In 0.1L. HC! 
the initial rate approaches that of diffusion control. 
Stannous ion is rather slowly oxidized to stannic by 
quinone, and as time goes on hydrolysis products of 
the latter are probably adsorbed or precipitated 
on the metal. In 217 HCl stannous ion is rapidly 
oxidized by quinone and the products are soluble, 
resulting in the reduction of two moles of quinone 
per gram-atom of tin. The graph in Fig. 1 is con- 
structed on this basis and the rate constant is twice 


as great as in the other cases. A detailed study would 
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probably show some departure from a first order 
rate, as has been found in the reaction of tin with 
aromatic nitro-compounds under similar conditions 
(9). 

In the reaction with copper (Table II, Fig. 1), the 
rate is of first order throughout, but is neither rapid 
enough to be entirely diffusion controlled nor slow 
enough to be entirely chemically controlled. An 
equation for such intermediate cases may be derived 
as follows. Assume that the quinone concentration 
falls from ¢ in the bulk of the solution to c, at the 
copper surface. Then the rate of reaction may be 


TABLE III. p-Benzoquinone (3.5 X 10-3M) as depolarizer 
with cadmium. Effect of acid strength, temperature, 
rotational speed, cadmium ion, and hydroquinone 


on the rate 


Acid or buffer Temp rpm k 
. cm min! 

0.08M HCl 25 3200 1.20 
0.01M HCl ” ” 1.03 
0.1M NaHMa,* 0.1M NasMa* si es 0 .82t 
0.01M HAc, 0.1M NaAec 9 - 0.82t 
0.006M NaeB,O;, 0.096M H,;BOs, 

0.024M NaCl - be ?t 
0.1M HAc, 0.1M NaAe 35 3200 1.03 
0.1M HAc, 0.1M NaAe 25 1600 0.51 
0.005M HAc 25 13000 | 3.73 
0.067M HAc, 0.033M CdAce 25 3200 0.86t 
0.1M HAc, 0.1M NaAe + 0.033M 

CdAco, 0.045M HQ$ 25 3200 O.81T 
0.1M HAc,0.1M NaAc,0.9M NaCl 25 | 3200! 0.77 


* Malonate. 
+ Estimated from slope at zero time. 
t See Fig. 2. 


§ Hydroquinone. 


equated to the rate of diffusion through the gradient 
(i¢ — ¢c,): 


dx 


= ‘ d » = U9 4 (¢ —_—_ 2 
Tl hey Ac ko Ale Cs) (IT) 


where ki; is the chemical constant, kh. the overall 
diffusion constant: 


© oe ee ws tite (111) 

dt ky + ke 
For copper in the acetate buffer, k = 0.244, ky & 
0.86 (from the other experiments of Table I1), hence 
the chemical constant k; = 0.34 em min-. 

Table II] summarizes further experiments with 
cadmium, with p-benzoquinone as depolarizer, and 
part of the curves are plotted in Fig. 2. The higher 
rate in hydrochloric acid alone than in buffers prob- 
ably indicates a higher diffusion coefficient for qui- 
none in these solutions, although this has not been 
tested experimentally. A similar difference has been 
observed with zine (8). Addition of sodium chloride 
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to an acetate buffer reduces curvature of the log 
(a — x) plot (compare curve 3, Fig. 2 with curve 4, 
Fig. 1), although the rate constant is somewhat less 
(effect. of viscosity). Interference by product is 
greater as the pH increases until in a borate buffer at 
pH = 7.96 the rate is very low. 

This inhibition is not brought about by cadmium 
ion or by the reduction product hydroquinone, as 
shown by the experiments in Table III in which 
these substances were added to the solutions. It 
must rather be by an intermediate compound, per- 
haps a cadmium quinonate-acetate or malonate simi- 
lar to the intermediate suggested by Prutton and 
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Fic. 2. Benzoquinone as depolarizer with cadmium. See 
Table III. a-z estimated from weight loss of the metal. (1) 
Borie acid buffer (pH = 7.96); (2) malonate buffer (pH = 
5.20); (3) acetie acid buffer with added sodium chloride; 
(4) acetic acid buffer with added cadmium acetate and 
hydroquinone (pH = 4.69). 


Day in the corrosion of lead by laurie acid and p-qui- 
none in xylene solutions (10). 

The one experiment at 35°C reported in Table ITI 
indicates a temperature coefficient of 1.25 per 10°C, 
normal for diffusion-controlled rates. The change 
with rotational speed is also normal (6). 

Table IV summarizes experiments with other qui- 
nones and cadmium, including one experiment with 
copper and one with lead. As expected, copper did 
not reduce 8-naphthoquinone in this buffer; the 
potential difference is such as to make the reaction 
impossible. Addition of acetic acid to make the 
solution 1M in this reagent made the potential 
slightly positive and caused slow dissolution. 

Toluquinone apparently has about the same diffu- 
sion coefficient as benzoquinone, and the reaction 
with cadmium shows similar inhibition by reaction 








products. Unfortunately none of the diffusion co- 
efficients are known. If the reaction of cadmium with 
sodium anthraquinone-a-sulfonate is diffusion-con- 
trolled (k = 0.55), then the reaction with lead (k = 
0.229) must be partly chemically-controlled. Solu- 
tion of equation (III) gives k; = 0.40 em min“. 
When log (a — x) is plotted vs. time for cadmium 
with sodium anthraquinone-8-sulfonate and -2,6- 
disulfonate, on the assumption that one gram-atom 
of metal reduces one mole of depolarizer, the curves 
increase in slope with time, and more than one gram- 
atom cadmium dissolves per mole depolarizer. 
Straight lines are obtained over a 60 minute period 
by assuming the metal-depolarizer ratios 1//D used 
in calculating a — x from the weight loss to be 1.5 


TABLE IV. Various quinones as depolarizers in 0.1M 
acetic acid, 0.1M sodium acetate, 25°C, 3200 rpm 

Initial quinone concentration, 3.5 X 10°°M. E = po- 

tential between metal and platinum. 


Depolarizer Metal | M/D* E | k 
mo | cm min™ 
Toluquinone Cd 1 850 | 0.82T 
2-Hydroxy-naphthoquinone Cd | 1 534 | 0.65 
B-Naphthoquinone Cd | 1 690 | 0.33 
B-Naphthoquinone Cu — —70 | 0.0 
Sodium 6-naphthoquinone-4- 
sulfonate Cd } 1 830 | 0.58 
Sodium anthraquinone-a-sul- 
fonate Cd | 1 410 | 0.55 
Sodium anthraquinone-a-sul- 
fonate Pb | 1 205 | 0.229 
Sodium anthraquinone-#-sul- 
fonate Cd | 1.5f — | 0.41 
Sodium anthraquinone-2,6- 
disulfonate wh SE | 460 | 0.35 


*Gram-atoms metal dissolved per mole depolarizer. 

+ Estimated from slope at zero time. 

t Values assumed to make the log (a-r) plot linear. See 
text. 


and 2 respectively, and the values of k in Table IV 
were so obtained. This is only an approximation in 
the case of sodium anthraquinone-6-sulfonate, be- 
cause when a cadmium cylinder was allowed to 
rotate in the solution for 200 minutes, over 8 gram- 
atoms of cadmium dissolved (per mole of depolari- 
zer) and the metal became rough and pitted. Prob- 
ably hydrogen evolution is catalyzed, as with zine 
and methylene blue in hydrochloric acid (8). The 
curve for the -2,6-disulfonate showed no discon- 
tinuity, but the platinum electrode potential did. 
Referred to the normal hydrogen electrode its value 
was near 600 mv during 20 minutes of the run and 
then fell rapidly to about 30 mv. 


Inhibition by Reaction Product 
The dissolution of copper in hydrochloric acid 
solutions of anthraquinone-a-sulfonate shows char- 
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acteristic inhibition, and was studied in some detail, 
A constant chloride ion concentration of 1M was 
used throughout the experiments by adding sodium 
chloride when necessary, to insure constant salt 
effects and a similar degree of complex formation by 
the cuprous ion formed. The depolarizer potential is 
not high enough to form cupric ions; the measured 
copper-platinum potential in the solutions used was 
200 to 100 mv, the value decreasing as the reaction 
progressed. 

Some of the plots of log (a — x) vs. time are shown 
in Fig. 3. In the simplest type of adsorption inhibi- 
tion one of the products may be assumed to obey a 
Langmuir isotherm, adsorption and desorption being 
rapid compared to the rate of reaction (ef. ref. 10). 
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Fic. 3. Reaction rate of copper with sodium anthra- 
quinone-a-sulfonate (3.5 X 10°*M) in hydrochloric acid. 
M/D = 2. 250 ml solution, 3200 rpm. a-z estimated from 
weight loss of the metal. (1) 0.35M HCI, 0.65M NaCl, 25°C: 
2) 1.0M HCl, 25°C; (3) 10M HCl, 35°C; (4) 1.0M HCl, 
45°C; (5) log (a-x) + 320 x for case 1. 


The rate expression becomes 


dx kAe 
o— 2 r ( IV) 
dt 1+ k’q 
where c = concentration of reagent, c, = concentra- 
tion of product, and k’ is a combination of constants 
of the isotherm. To obtain k& in the same units as 
before, this equation may be written: 
dx kA(a—2x)/V (v) 
dt 1 + k’x/V 
which on integration gives 
kix 


log a — log (a — x) — 23(V + ak’) 


kAt ‘ 
ae, 
2.3(V + ak’) 
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TABLE V. Dissolution of copper by sodium anthraquinone 
a-sulfonate (3.6 X 10-*M) in hydrochloric acid, 250 ml 
solution. M/D = 2 


temperature coefficients are all less than 2 per 10°C, 
but considerably greater than for wholly diffusion- 


: controlled rates. If slopes of the log (a — x) curves 

Temp Cuci.’ | Cnaci, ¥ rpm kX 10-3 k are measured at equal values of (a — x) and these 

are used to calculate temperature coefficients, the 

( cm mole! | cm min™ ° - ogy 

j aa values rise and become greater than 2 per 10°C as 

25 0.1 0.9 3200 2750 0.142 tl ‘ Onl ll f ti f 
> PAG YOU TeESSES ys : ‘ "OC 

95 0.35 0.65 3900) 509 | 0.153 ere action progresses. Only a small fraction o 

o5 1.0 0 3200 750 0.331 collisions with the surface is effective not because 

25 1.0 0 1960 520 | 0.240 of a high activation energy, but because only a 

35 0.35 0.65 3200 520 0.300 small portion of the surface is available for reac- 
35 ( 0 3200 52( .558 . ; . . : a 

35 1.0 s = 0.55 tion; the available area increases with rising tem- 

45 1.0 0 3200 370 0.750 . 


‘ 


perature. 


TABLE VI. Various dyes as depolarizers 
25°C, E = potential between metal and_ platinum. 


Depolarizer* Acid or buffer Metal M/D rpm E a 
mv cm min) 
Indigo disulfonate 0.1M HAc, 0.1M NaAe Cd 3t 3200 500 0.106 
Crystal violet 0.1M HCl Cd 0.33t 3200 0.37 
0.1M HCl Pb 1 6400 770t 0.184 
Pontacyl green 1.0M HAc, 0.1M NaAe Sn 0.33t 6400 530T 0.61 
1.0M HAc, 0.1M NaAec Cu 6400 — 120 0.0 
Ink blue 0.1M HAc, 0.1M NaAe Pb l 6400 0.015 
Ponceau 3R 0.1M HAc, 0.1M NaAe Cd 2 3200 0.041 
Methyl! orange 0.1M HAc, 0.1M NaAe Cd 0.5 3200 800 0.258 
Safranine 7’ 0.1M HCl Cd 1 3200 620 0.210 
0.1M HAc, 0.1M NaAe Cd l 3200 0.096 
0.1M HAc, 0.1M NaAc Pb 1 6400 570 0.201 
Phenosafranine 0.1M HAc, 0.1M NaAe Cd 1 3200 290 0.162 
0.01M HAc, 0.1M NaAe Pb 0.5f 6400 90 0.362 
0.005M HAc, 0.1M NaAe Pb 1 6400 5A 0.325 


* Formulas of these dyes may be found in the ‘‘Technical Manual and Yearbook of the American Association of Textile 
Chemists and Colorists,’’ XXIV (1948). 


+ Potentials irreversible but reproducible to 5 mv. 
t Values assumed to make the log (a—z) plot linear. 


In Fig. 3, one plot of log (a — x) + constant x 
is given to show how this equation may be applied. 
The constant is found by trial and error, or by 
solving simultaneous equations obtained by inserting 
experimental values in (VI). Table V summarizes 
values of k’ and k for all the experiments performed. 
The constant k purports to give the rates at zero 
time, or with no inhibition; these probably approach 
diffusion-controlled rates in 1M HC! at the higher 
temperatures, but the maximum rate at 25°C is less 
than for cadmium in an acetate buffer (Table IV). 
Further, the rate is highly dependent on the acid 
concentration, though not directly proportional to 
the latter. 


Various Dyes as Depolarizers 

Table VI summarizes experiments with a variety 
of dyes which showed first order rates over 75 per 
cent of the reaction except as noted below. In each 
case the initial dye concentration was 2 to4 XK 10-°M 
and 200 or 250 ml of solution were used. The dyes 
were the purest commercial samples available and 
when possible the manufacturer’s assay was checked 
by nitrogen or other analysis. The nature of the 
foreign materials present was checked (i.e., sodium 
chloride or other salt). In no case was the impurity 
an oxidizing agent which would have a depolarizing 
action, or other substance likely to affect the rate at 
such low concentrations. 
The effect of stirring speed in the one experiment 


The value of M/D (gram-atoms metal per mole of 
shown indicates that diffusion plays some role. The 


dye), used in calculating a — x from the weight loss, 
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depends not only on the number of oxidizing equiv- 
alents per mole but also on precipitation reactions 
or complex ion formation involving unreduced de- 
polarizer. The number of oxidation equivalents de- 
pends in some cases on the pH of the solution. //D 
was determined by finding the value which would 
make the plot of log (a — x) vs. time linear if chemi- 
cal evidence was lacking or doubtful. This procedure 
makes it possible to express the rates concisely over 
the time of the experiment but may be incorrect in 
other respects. 

Indigo disulfonate reacted normally with cadmium 
with the rate constant given, for 60 minutes; there- 
after a white, adherent film appeared on the metal 
and the rate decreased. On exposure to air this film 


TABLE VII. Thionine and neutral red as depolarizers 


25°C, E = potential between metal and plantinum. 
Depolarizer Acid or buffer Metal M/D rpm E k 
mi cm min”! 
Thionine 0.1M HAc,0.1M Cu 1 6400 90 0.015 
NaAc 
0.33M HAc, Cu 1 6400 60 0.052 
0.1M NaAe 
1.0M HAec,0.1M Cu 1 6400 90 0.145 
NaAc 
0.1M HCl Cd 1 3200 920. 0.40 
Neutral 0.01IM HAe, Pb 2 6400 0.012 
red 0.1M NaAe 
0.03M HAe, Pb 2 6400 75 0.053 
0.1M NaAe 
0.1M HAc,0.1M. Pb 2 6400 65 0.123 
NaAe 
0.1M HAc,O0.1M > Cd 1 3200 315. 0.08) 
NaAc | 


became blue, indicating that it was a normal reduc- 
tion product. 

Triphenylmethane dyes as crystal violet, pontacy] 
green, and ink blue do not form reversible redox 
systems (11), but potentials were reproducible to 
5 mv. There were no visible precipitates-to explain 
the fractional values of 17 /D; the value 0.33 would 
result if a metal atom reduces one molecule of dye, 
and the ion formed precipitates or binds in a stable 
complex two molecules of unreduced dye. Copper is 
not affected by pontacyl green since the potential is 
insufficient. 

Azobenzenes like methyl orange show reversible 
redox reactions, but azo dyes like ponceau 3R do not 
(11). Ponceau 3R undergoes a double reduction by 
cadmium, with rupture of the N = N bond, giving 
M/D = 2. Methyl orange is reduced to the hydrazo- 
compound only; the solution was cloudy or opales- 
cent during the run, and addition of more concen- 
trated cadmium chloride to methyl orange in a 
similar acetate buffer forms a precipitate and de- 
colorizes the solution. Precipitation mole for mole 
will explain the value 0.5 for M/D. 


With safranine T excellent first order plots were 
obtained, although slight red stains appeared on the 
cadmium (easily removable with a moist cloth) and 
numerous tiny dark spots appeared on the lead sur- 
face. 

With phenosafranine and lead a change in acetate 
buffer ratio alters the value of W/D from 0.5 to 1, 
These dyes contain several basic groups capable of 
salt formation, and can possess different charges 
depending on the pH. The importance of charge type 
in determining the course of redox reactions has 
been reviewed by Remick (12). It should be noted 
that lead dissolves at a rate approaching that of 
diffusion-control even when the potential is only of 
the order of 50 mv. 




















» T T T T T 
1 

25 aa os 
a 
w 
? 
3 
uw o 
“ 
= 
5 
3 
re 
£ 

‘4 1 n l i 1 

20 4o Bo 100 120 


60 
TIME, MIN 
Fic. 4. Copper with thionine (8.75 X 10°°M) as depolari 
zer. (1) 0.33M HAc, 0.1M NaAe at 25°C, E = 37 to 69 mv; 
(2) 0.33M HAec,0.1M NadAe at 35°C, EF = Sto 2 mv; (3) 0.1M 
HCI at 25°C. 


Thionine and Neutral Red 


Experiments with thionine and neutral red are 
summarized in Table VII and Fig. 4. The rate with 
cadmium and thionine (0.1.7 HCl, 3200 rpm, k = 
0.40) is probably diffusion controlled. The rates with 
copper are sufficiently low in comparison, at twice 
the rotational speed, to consider them ‘“‘chemically- 
controlled.” This may indicate strong adsorption of 
dye or reduction product on the metal; some staining 
was observed, although this was not pronounced. 
The rate in acetic acid buffers is approximately 
proportional to the concentration of acid or of hydro- 
gen ion, although two equivalents of acid are used 
per mole of dye. This is also true of lead reacting with 
neutral red in acetate buffers.‘ 

The first order dependence on both acetic acid and 
dye concentration might be explained if the rate- 


‘ The acetic acid used up in the most dilute solutions was 
replenished by addition of a few tenths ml of concentrated 
stock solution after each weighing of the metal. 
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determining step involves reaction of the metal with 
an acidic dye cation. The concentration of such an 
jon would be proportional to dye and hydrogen ion 
(hence acetic acid) concentration. 

The behavior of copper with thionine in 0.1.M 
HC! is unusual, as shown in Fig. 4. The copper 
cylinder was rotated at 6400 rpm in 200 ml of solu- 
tion containing 0.00175 moles. thionine, correspond- 
ing to 55.7 mg copper per oxidation equivalent. For 
45 minutes the rate appeared to be of zero order, 
with a short ‘tinduction period”; thereafter the rate 
increased sharply, and 154 mg were dissolved in 
135 minutes. Considerable gelatinous precipitate was 
found in the residual solution after 24 hours. 

Curves 1 and 2 in Fig. 4 show rates at 25°C and 
35°C for copper with thionine in an acetate buffer. 
The apparent temperature coefficient is negative, and 
this is explained by the fact that at 35°C the system 
is approaching equilibrium with only partial reduc- 
tion of the dye. This is shown by the potential, 
which was about 8 mv near the beginning of the 
reaction and fell to 2 mv after 86 minutes. The 
net rate is the difference between forward and reverse 
rates; the latter is small at 25°C where EF rises from 
37 to 69 mv during the runs, but is comparatively 
large at 35°C. 


SUMMARY AND CONCLUSIONS 


In this work over 50 dyes and other oxidizing 
agents were tested as depolarizers. Of these, 27 
were sufficiently soluble in dilute acid and showed 
some depolarizing action; the results with 16 seemed 
to fall, under suitable conditions, within the types 
discussed in the introduction. Most of the work was 
done with the few reagents as reported in detail 
here, with low concentrations of depolarizers in the 
presence of large excess of acid, at various pH values. 

Examples have been given in which dissolution is 
believed to be controlled by the rate of diffusion 
through a concentration gradient at the metal sur- 
face; in which the rate is chemically controlled; in 
which both of the above factors enter; and in which 
the rate is progressively influenced by adsorption of 
reaction products. 

The same reagent may give an apparently diffusion 
controlled rate with one metal (as thionine with 
‘admium) and a far smaller, chemically controlled 
rate with another metal (thionine with copper). 
The rate may be diffusion controlled at a low pH 
but subject to inhibition by products at a higher pH 
(as p-benzoquinone with cadmium, Tables II and 
III). Or the rate may approach diffusion control at 
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higher temperatures and low concentration of prod- 
ucts (Table V, Fig. 3). 

Throughout the work no general relation was 
found between oxidation potential and rate, or over- 
all metal-platinum potential and rate, although in 
certain cases there may be a linear relation between 
rate and potential, or log rate constant and potential, 
over a limited range of concentrations or pH. How- 
ever, it may be said that while dissolution may be 
slow even though the potential is high, dissolution 
is never rapid when the potential is low. The reason 
for a low potential is ordinarily that the system is 
near equilibrium and under these conditions the net 
rate, the difference of forward and reverse rates, 
must approach zero. 

In the “Introduction” it was mentioned that cor- 
rosion may occur with or without evidence of electro- 
chemical action. In general when the reaction is 
rapid and diffusion controlled, the metal surface 
remains smooth even in long runs, as if all parts were 
equally attacked. On the other hand, if the reaction is 
slow or if hydrogen evolution is catalyzed, the sur- 
face may eventually become rough or pitted, as 
described above for cadmium with sodium anthra- 
quinone-8-sulfonate or in ref. 8 for zine with methyl- 
ene blue. It is well known that different faces of 
single crystals show different reactivities with some 
reagents. For example, a single crystal sphere of 
copper remains smooth and round in ferric salt 
solutions (diffusion control) but develops flat spots 
in reagents which act more slowly (13). 

Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1950 issue of the 
JOURNAL. 
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A Polarographic Method for the Indirect Determination of 


Polarization Curves for Oxygen Reduction 


on Various Metals 


I. Description of the Method 


Case of Platinum! 
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ABSTRACT 


An indirect method for determining polarization curves for the electrolytic reduc 


tion of oxygen is described and applied to the case of platinum. The electrode, on which 


the oxygen reduction is studied, is polarized at a constant potential in a closed vessel 


containing a solution initially saturated with air. The oxygen concentration is de- 
termined by the polarographic method at various time intervals. The current for oxygen 


reduction is calculated from these data. The complete polarization curve is determined 
by repeating the experiment for several values of the potential of the electrode. The 
contributions of the two and four electron reduction processes, i.e., reductions of oxygen 


to hydrogen peroxide and to water, respectively, are also calculated. Equilibrium con 


ditions for the electrolytic reduction of oxygen are derived from thermodynamic data. 


INTRODUCTION 


Despite the paramount importance of the electro- 
lytic reduction of oxygen in metallic corrosion, very 
little information on the mechanism of this reaction 
is available. 

It is known from polarographic investigations (1, 
pp. 307-12) that oxygen is reduced in steps at the 
dropping mercury electrode. First hydrogen per- 
oxide is formed. As more negative potentials are 
applied, oxygen is directly reduced to water. 

The electrolytic reduction of oxygen on most of the 
common metals has been investigated by Tomashov 
(2, 3) by recording polarization curves in oxygen 
saturated solutions. From the data thus obtained 
Tomashoyv has deduced values of the overvoltage 
for the reduction of oxygen at various current densi- 
ties. Although his polarization curves are of interest, 
the method is unsatisfactory because the recorded 
current may differ considerably from the current 
corresponding only to the reduction of oxygen. The 
recorded current is the algebraic summation of three 
components corresponding to the reduction of oxygen, 
the discharge of hydrogen ion, and the oxidation of 
the electrode material. It is only when the last two 
reactions are not taking place that the recorded 
current truly corresponds to the reduction of oxygen. 
Moreover, the method does not give much informa- 
tion about the possible production of hydrogen per- 
oxide. 


' Manuscript received November 7, 1949. This paper pre 
pared for delivery before the Buffalo Meeting, October 11 
to 14, 1950. 

? Present address: Department of Chemistry, Louisiana 


State University, Baton Rouge, Louisiana 
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In the present paper the polarization curve cor- 
responding to the single process of oxygen reduction 
is determined by an indirect method. Before de- 
scribing the experimental results, we shall briefly 
discuss the thermodynamic equilibrium conditions 
for the various reactions involved in the oxygen 
reduction process. 

INVOLVED IN THE ELECTROLYTIC 
ReEDUCTION OF OXYGEN AND 
EQUILIBRIUM CONDITIONS 


REACTIONS 


The reactions to be considered are the following: 

O. + 4H*+ + 4e— = 2H2O 
E, = 1.23 — 0.0591 pH + 0.0148 log Po. (I 
O. + 2H*+ + 2e- = HO, 
E. = 0.68 — 0.0591 pH 

+ 0.0295 log Po, — 0.0295 log ay.o, — (I 
O. + H+ + 2e- = HO, 
E; = 034 — 0.0295 pH 

+ 0.0295 Po, — 0.0295 log ayo, 
HO. + 2H*+ + 2e— = 2H.O 
E, = 1.77 — 0.0591 pH + 0.0295 log ayo. (IV 
HO.- + 3H* + 2e- = 2H.0 
BE; = 2.12 — 0.0886 pH + 0.0295 log ayo, (V 


(II 


The electrochemical equilibrium conditions (1) to 
(V) apply to 25°C. They have been established from 
thermodynamic data according to a method de- 
veloped by Pourbaix (4). The standard free energies 
of formation used in these calculations are those 
compiled by Latimer (5). 

Equations (1) and (II) describe the reductions of 
oxygen to water and to hydrogen peroxide, respec- 
tively. Equation (III) describes the reduction of 
oxygen to the dissociated form of hydrogen peroxide 
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HO. present in alkaline media (5, p. 38). Equations 
(IV) and (V) describe the reductions of hydrogen 
peroxide and of its ion HO. to water. 


Condition for Hydrogen Peroxide Production 


By comparing the values of the potential appear- 
ing in equations (1) and (II) and in equations (I) 
and (III), one concludes that the reversible elec- 
trolytic reduction of oxygen to water is easier than 
the reduction of oxygen to hydrogen peroxide for 
any value of the pH of the medium. Under irreversi- 
ble conditions this conclusion may, however, not be 
verified. 

It is possible to form hydrogen peroxide if reac- 
tion (1V) or (V) occurs at a less positive or at a more 
negative potential than reaction (I1]) or (III), the 


HeOe +2H+ 26 = 2HeO + +177 


Oe +2H*+2@ = HeOe + +068 


Oe>HeOe 
2H* +26 =He +O 





Equilibrium Potentials 
at pH=0 


Fia. 1. 


pressure of 1 atmosphere of oxygen. 


current density being the same for both reactions 
(Fig. 1). If this situation does not hold one would 
conclude that it is easier to reduce hydrogen peroxide 
than to prepare it by reduction of oxygen. The con- 
dition for the production of hydrogen peroxide is 
thus 


@. > @4 (V1) 


in which e represents the reaction potential for a 
given current density. 

The reaction potential e is related to the equilib- 
rum potential EK and the overvoltage » by the 
equation 

e=E+s7 (VII) 


in which the plus sign applies to an oxidation and the 
minus sign to a reduction. 


OXYGEN REDUCTION ON VARIOUS METALS, I 


Condition for production of hydrogen peroxide in the electrolytic reduction of oxygen at pH = 
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By introducing in formula (VII) the value of the 
equilibrium potential given by equations (I1) and 
(IV), it is possible to write formula (VI) in the fol- 
lowing manner (Po, = 0.2 atmosphere, reaction in 
an air saturated solution) 


nm — nm > 1.11 + 0.0591 log ayo, (VIID 


which is the condition to be satisfied in order to 
prepare a solution of hydrogen peroxide of maximum 
activity @y,0, by electrolytic reduction of a solution 
saturated with air under a pressure of one atmosphere 
at 25°C. A detectable amount of hydrogen peroxide, 
corresponding for example to dy,0, = 10°, could be 
formed if the following condition is satisfied 
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EXPERIMENTAL 


The possibility of an indirect determination of the 
polarization curve corresponding to a single electrode 
reaction appears in the work of Wagner and Traud 
(6). The indirect method, however, has not been 
applied to the study of the electrolytic reduction of 
oxygen. 

The method used in this work is as follows. The 
metal under investigation is placed in a closed vessel 
containing a solution initially saturated with air. 
The metal is polarized at a potential for which the 
reduction of oxygen is taking place and this potential 
is kept constant for the duration of the experiment. 
The oxygen concentration is measured at regular 
time intervals and is plotted against time. Experi- 
ments are carried out for different values of the 
potential applied to the metal under investigation. 








For each experiment the current corresponding to 
the reduction of an air saturated solution is cal- 
culated from the oxygen consumption data. These 
calculated values of the current are plotted against 
the potential of the metal. The curve thus obtained 
represents the polarization curve for the reduction of 
oxygen on the metal. 

The main problem in the application of this in- 
direct method is the determination of the concentra- 
tion of dissolved oxygen. This problem, however, 
is easily solved by application of the polarographic 
technique. The use of the polarograph in the study 
of corrosion problems has been the object of extensive 
investigations by Van Rysselberghe and his co- 
workers (7, 8), their main contribution being the 
application of the polarographic method to the de- 
termination of oxygen consumption and hydrogen 
peroxide production in corrosion reactions. The use 
of the polarographic method for the determination of 
dissolved metallic ions resulting from corrosion reac- 
tions had been suggested in 1939 by Burns and 
Schuh (9). In the present case the polarographic 
method is by far superior to the other methods which 
have been described in the literature (10, 11). More- 
over, the polarographic method enables one to de- 
termine simultaneously the concentration of the hy- 
drogen peroxide which may be formed during the 
reduction of oxygen. 


Calculation of the Oxygen Reduction Current and of the 
Separate Contributions of the Four- and Two- 
Electron Processes 

Oxygen yields two polarographic waves of equal 
heights proportional to the oxygen concentration (1). 
The polarogram of a mixture of oxygen and hydro- 
gen peroxide consists of two waves of height H, and 
H,. The height of the first wave H, is proportional 
to the oxygen concentration while the difference 
between the heights of the second and first wave is 
proportional to the concentration of hydrogen per- 
oxide. 

Thus 
H, = KCo, (X) 


H, “ag Hy, = K’Cy.0, (X1) 


K and K’ are constants proportional to the square 
root of the diffusion coefficients of oxygen and hydro- 
gen peroxide, respectively. 

Thus 

K (Do»)' 
_ = a (XIT) 
kK (Dus02)? 
all other experimental conditions being the same. 

By comparing polarograms obtained with solu- 

tions of known concentrations in oxygen and hydro- 


gen peroxide we found that the ratio Ki is approxi- 
K 
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mately equal to 1.18. This figure is the average of 
several determinations and has an accuracy of about 
5 per cent. Equation (XI) thus becomes 


1.18 (HH, = H;) = KCy,0, (XIIT) 


It is convenient to express 1, and Hp, in per cent 
of their values at time zero. Let us call /; and Js these 
relative values of the diffusion currents of oxygen. 
In these conditions the amount of oxygen consumed 
and the amount of hydrogen peroxide produced can 
be expressed directly in per cent of the amount of 
dissolved oxygen originally contained in the reac- 
tion vessel. This latter quantity expressed in moles 
is equal to 

¢ V oni 
32,000 * 1,000 (XIV) 
C being the original concentration of oxygen in mg] 
and V the volume of solution in the reaction vessel 
in ml. 

Combining relations (X), (XIII), and (XIV) after 
having introduced the relative values /; and J, of 
the diffusion currents of oxygen one obtains 


1L.18U. — T;) 4 


| 
les (XV 
100 X 35000 * 1,000 Mes (XV) 


for the amount of hydrogen peroxide produced up 
to time ¢, i.e., the amount of oxygen reduced in the 
two-electron process, and 


(100 — 7,) — 1.18(2 — I) C 
100 32,000 


x . moles (XVI) 
1,000 
for the amount of oxygen reduced in the four-electron 
process. 

At a given time the current corresponding to the 
reduction of oxygen at the cathode under investiga- 
tion is proportional to the rate of disappearance of 
oxygen and proportional to the number of electrons 
involved in the reduction process. If time ¢ at which 
I, and J, are measured is such that the oxygen con- 
centration decreases linearly between time zero and 
time ¢, the rate of disappearance of oxygen can be 
calculated immediately from (XV) and (XVI). 

By application of Faraday’s law one then obtains 
the following relation for the current resulting from 
the oxygen reduction at the metallic electrode 


_ 96,500 Cc V 1.18(1. — I;) 
~~ 6Ot 32,000 1,000 100 
96,500 C V 


60 t 42,000 - 1,000 


(100 — J,) — 1.18U2 — 1;) 
x 100 


(XVID) 
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[ being expressed in amperes, C in mg/I, V in ml, ¢ in 
min, /; and /, in per cent of their values at time zero. 
Usually a linear variation of the current lasted well 
up to 10 minutes. Our /; and J, values were, in gen- 
eral, read at ¢ = 10 minutes. 

The experimental verification of formula (XVII) 
will be given below. : 

Very often the reduction of oxygen involves simul- 
taneously a two-electron and a four-electron process. 
Therefore it is convenient to define an ‘apparent 
number of electrons” n characterizing the reduction 
process at a given potential as follows 


amount of oxygen reduced at time ¢ in 
the four-electron process 


242 


5 = - ; 
total amount of oxygen reduced at time / 


Thus, by application of (XV) and (XVI), 


(ib. 1) = 1 a 2 
_ 9 2 
iat dion 100 — Ti 


From (XVIII) it is immediately seen 
that, when n = 4, both waves J; and />, are of equal 
height. When n = 2 and J, = 0, all the oxygen 
formerly in solution has been reduced to hydrogen 
00 
1.18 
= 85 per cent of its initial value on the basis of the 
ratio of the diffusion coefficients given above. 

From the definition of n one calculates that the 
contribution of the four-electron process to the total 
reduction current of oxygen is 


an 
“ : ~ per cent of the strength of current J (XIX) 


(XVIII) 


formula 


peroxide and the current J, has dropped to 


100 
while the contribution of the two-electron process is 


4 — 
100 ~~ 


n ; _ 
per cent of the strength of current J (XX) 


Description of Apparatus 


The apparatus used in this work must fulfill two 
different functions: first, the polarization of the metal 
at a controlled potential, and second, the polaro- 
graphic determination of oxygen. 

The metallic cathode S is placed in the cell T 
closed by a rubber stopper of good quality which has 
been impregnanted with hot paraffin under vacuum 
to prevent reaction with oxygen (Fig. 2). The metallic 
sample S is bolted to a rod k (Fig. 3) to provide for 
an external electrical connection. The assembly is 
coated above line AB with a chlorinated rubber 
paint baked for a few hours at 100°C. In this man- 
ner a well defined area of the metal is used as elec- 
trode, the remaining area being insulated from the 
solution. The metal is washed in a detergent solu- 
tion. Immediately before an experiment, the metal 
strip is dipped for a short time in a solution of 
hydrochloric acid (6 to 0.1 normal depending on the 
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metal) and finally rinsed with water. A new metal 
strip is used for each experiment except for platinum 
and silver. The polarization circuit also includes a 
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Fic. 2. Apparatus for the polarographic study of the 
electrolytic reduction of oxygen on various metals. 
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Fic. 3. Mounting of the cathode material. Dimensions 
in mm. 


platinum electrode dipping in tube 4. Bridges 6; and 
bo connect tube t, to the reaction cell 7’. Terminal e; 
and the platinum electrode e2 (15 cm’) are connected 
to a potentiometer with fine adjustment fed by a 250 
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volt d-c generator. The potential of the metal S is 
checked against a calomel electrode C filled with 0.1 
molar potassium chloride solution. In order to elimi- 
nate the error resulting from the ohmic drop of 
potential in the bulk of the solution, the tip / of the 
calomel electrode is pressed against the electrode S. 
The potential of the electrode S is kept constant 
manually for the duration of the experiment. 

The solution is stirred by a magnetic device m 
rotated by a synchronous motor at 150 rpm. The 
rotating magnet m, floats on a mercury pool which 
is also used as anode of the polarographic circuit de- 
scribed below. Since diffusion of dissolved oxygen 
toward electrode S is the important factor controlling 
the reduction current, it is essential to work in 
reproducible conditions. Therefore the stirring de- 
vice should rotate at a perfectly constant speed. 
Experiments carried out without stirring the solu- 
tion yield irregular results, especially in cases for 











Fic. 4. Device for collecting the mereury dropping from 
the capillary of the polarographic measuring device. d 
dropping mercury electrode, r rubber ring, w platinum 
wire, v glass or platinum container. 


which there is anodic dissolution of the electrode 
material. Moreover, the stirring of the solution re- 
duces the concentration polarization of oxygen at 
the electrode. As a result, the current corresponding 
to the reduction of oxygen is increased and the dura- 
tion of the experiment is shortened. 

All experiments have been carried out with a 
phosphate buffer of pH 6.9 prepared according to 
Clark and Lubs (12). At that value of the pH the 
concentration of most of the cations of the metals 
investigated in the present series of papers is very 
low because of the precipitation of hydroxide or 
oxide and there is no interference in the polaro- 
graphic determination of oxygen. The conductivity 
of the solution was increased by making the buffer 
solution 0.2 molar in potassium chloride. Two drops 
of a 0.4 per cent alcoholic solution of methyl red 
were added per 50 ml of solution in order to elimi- 
nate the oxygen maximum in the polarographic de- 
termination of oxygen (1). Great care was taken to 





June 1950 


use very pure chemicals since impurities may even- 
tually modify the overvoltage affecting the oxygen 
reduction. It is known from polarographic investiga- 
tions (1, pp. 307-12) that methyl red does not change 
appreciably the overvoltage for the oxygen redue- 
tion on a mercury electrode. It is likely that this is 
also true for other metals. 


Polarographic Measurements 


Oxygen and hydrogen peroxide concentrations are 
determined by application of the polarographic 
method. The cell T is provided with a dropping 
mercury electrode d and a mercury anode. In order 
to prevent the contamination of the metallic sample, 
the mercury dropping from the capillary tube d 
is collected in a small container as shown in Fig. 4. 
The solution displaced by the mercury flowing from 
the dropping electrode overflows through the capil- 
lary tube O into tube ¢;. Re-entry of air is prevented 
by a mercury seal. Measurements are carried out 
with a portable electronic instrument (13). The 
height of a wave is determined by two readings at 
preselected values of the difference of potential ap- 
plied to the cell (7, 8). In this manner the duration 
of a measurement is reduced to less than one minute. 
In the case of the electrolyte previously mentioned 
the first diffusion current H, was measured by the 
difference in current readings at —0.080 and —0.560 
volt. The second diffusion current H, was measured 
by the difference in current readings at —0.560 
and — 1.550 volt. Each determination was corrected 
for the residual current. This current was deter- 
mined once and for all by measuring the polaro- 
graphic current with the air-free buffer solution at 
the indicated potentials. During the polarographic 
measurement the polarization circuit of the metal S 
is switched off and the stirring device is stopped. 
This prevents interference with the functioning of 
the dropping mercury electrode. 


Determination of Conventional Polarization Curves 


In the course of this work conventional polariza- 
tion curves, i.e., curves expressing the variation of 
the current flowing through the polarization cell asa 
function of the potential of the electrode under 
study, have also been determined. These curves were 
obtained in the same experimental conditions as the 
curves determined by the indirect method described 
in this paper, i.e., the size of the electrode, the 
volume of solution, and the stirring of the solution 
were the same in all experiments. The current flow- 
ing through the cell was measured for several values 
of the potential of the metallic electrode under 
study. The cell 7 (Fig. 2), in which these experi- 
ments were carried out, was left open during the 
measurements in order to keep the solution saturate! 
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with air. A preliminary experiment was made to 
determine the potentials for which the current should 
be measured in order to determine the shape of the 
polarization curve. It was observed that the polariza- 
tion current varied appreciably as much as 10 to 20 
per cent even in an interval of time as short as 1 to 2 
minutes. No attempt was made to investigate the 
cause of this variation of the -polarization current. 
Therefore, conventional polarization curves appear- 
ing in this series of papers are presented only for 
qualitative purposes. 


EXPERIMENTAL VERIFICATION OF THE INDIRECT 
METHOD IN THE CASE OF PLATINUM 


The indirect method of determining oxygen polari- 
zation curves has been applied to platinum. This 
ease is of special interest because the metal does not 
undergo anodic dissolution. The reduction of oxygen 
and the discharge of hydrogen ion are the only 
possible reactions which can occur at the electrode, 
since the reduction of the alkali ion of the buffer 
solution is not to be taken into consideration at the 
potentials used. Therefore, in the range of potentials 
for which the hydrogen ion discharge is negligible, 
the experimental polarization curve should coincide 
with the caleulated curve. This circumstance enables 
one to check the validity of the indirect method of 
determining polarization curves. 


Oxygen Consumption Curve 


The oxygen consumption data for various values 
of the platinum electrode potential are shown in Fig. 
5 and 6. The oxygen consumption increases as the 
metal becomes more negative. An attempt was made 
to interpret the diagram of Fig. 5 by assuming that 
the electrolytic reduction of oxygen in a closed 
vessel is a first order reaction (7). However, calcula- 
tions of rate constants for various potentials did not 
yield any consistent results, probably because the 
area of the metal effective for oxygen reduction 
changes in a unknown manner and the equation of a 
first order reaction could not be applied in a straight- 
forward manner. A modification of the surface of the 
metal could be caused, for instance, by adsorption of 
methyl red or its negative ion or also by deposition 
of cations present as impurities. 

The oxygen concentration of the air saturated 
buffer solution has been determined by the Winkler 
method. The results obtained by this method fluc- 
tuated somewhat around 9.5 mg/l from one day to 
+1 
mg/l and the average value of 9.5 mg/l has been 
adopted throughout the work. The temperature was 
close to 25°C. 


another. The variations were of the order of 
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Polarization Curve for Oxygen Reduction and Con- 
ventional Polarization Curve 


The polarization currents for the oxygen reduc- 
tion have been calculated by application of formula 
(XVII). The experimental conditions were the fol- 
lowing: C = 9.5 mg/l, V = 47 ml, ¢ = 10 minutes. 

The polarization curve for oxygen reduction is 
plotted in Fig. 7 (curve 2). Fig. 7 shows that curve 2 
agrees fairly well with the conventional polarization 
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Fic. 5 and 6. Variation with time of the first and second 
diffusion currents of oxygen in the case of platinum at pH 
6.9. J; and J, are expressed in per cent of their values at 
time zero (3.5 microamperes). Values of the potential are 
referred to the normal hydrogen electrode. Working area 
of the metal: 9.00 em?. 


curve | until the discharge of hydrogen ion starts to 
take place. However, it should be pointed out that 
curve | has only qualitative value because of the 
fairly large fluctuations observed in its determina- 
tion. For the same reason, the difference between 
curves 1 and 2 represents only qualitatively the 
current corresponding to the discharge of hydrogen 
ion. As a whole, curves | and 2 are presented to show 
fundamental difference that may exist between a 
¢onventional polarization curve and a polarization 
curve corresponding to a single electrode reaction. 
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Contribution of the Four-Electron Process 

The apparent number of electrons n defined by 
relation (XVIII) has been caleulated and plotted 
against the potential in Fig. 7. This diagram also 
shows the contribution of the four-electron process 
expressed in per cent of the strength of the current 
corresponding to the reduction of oxygen (formula 
XIX). From this diagram one concludes that the 
two-electron reduction of oxygen is taking place 
over a wide range of potentials. Furthermore, it is 
only at such a negative value of the potential as 
—1.0 volt that the reduction of oxygen begins to 
yield water exclusively. On the other hand, the two- 
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Fic. 7. Comparison between the conventional polariza- 
tion curve (curve 1) and the polarization curve for oxygen 
reduction (curve 2) in the case of platinum (eurrent in milli 
amperes). Apparent number of electrons and contribution of 
the four-electron reduction process to the total reduction 
current as a function of potential. Potentials are referred 
to the normal hydrogen electrode. 7, is expressed in per 
cent of the total current corresponding to the reduction of 
oxygen. 


electron process never occurs at the exclusion of the 
four-electron process. In connection with this point 
Laitinen and Kolthoff have also observed that oxy- 
gen is reduced to hydrogen peroxide at a platinum 
microelectrode (see ref. 1, p. 433). The calculated 
values of n may be slightly in error because of the 
decomposition of hydrogen peroxide during the ex- 
periment. In the present case this decomposition is 


probably very slow although for some metals other 


than platinum it takes place to a large extent. Such 
cases will be described later. 
CONCLUSION 


The polarization curve for the reduction of oxygen 
taking place at an electrode can be determined by 


the indirect method described in the present paper. 
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The advantage of the indirect method is that one 
single electrode reaction may be studied, while by 
direct determination of a conventional polarization 
curve one observes very often the effect resulting 
from the superposition of several electrode reactions, 
Moreover, the indirect method gives useful informa- 
tion about the production of hydrogen peroxide 
resulting from the incomplete reduction of oxygen. 
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ABSTRACT 


The indirect method for the determination of polarization curves for oxygen reduction 
(1) is applied to the following metals: aluminum, zinc, magnesium, nickel, iron, silver, 
copper, tin, and lead. The first three metals favor hydrogen peroxide production. With 
the other metals only small amounts of hydrogen peroxide were detected. Polarization 
curves for oxygen reduction are compared with conventional curves. Equilibrium con- 
ditions for anodic processes are derived from thermodynamic data for some of the metals 
investigated. Possible consequences of the production of hydrogen peroxide in corro- 


sion reactions are briefly discussed. 


Merats Favorinc HyproGEN PEROXIDE 
PRODUCTION 
Aluminum 
Oxygén consumption data are shown in Fig. 1 and 
2 for potentials of the metal varying from —0.5 to 
—1.5 volts. These results were obtained by applica- 


The apparent number of electrons n defined pre- 
viously (1) and the contribution of the four-electron 
process /,, have been determined by application of 
formulas (XVIII) and (XIX) of paper I (1) and are 
plotted against potential in Fig. 3. This diagram 
shows that oxygen is reduced to hydrogen peroxide 


h ; over a wide range of potentials. It is only at such a 
tion of the method which was described in the pre- ‘ 8 = / 
; a . negative potential as —1.5 volts that the reduction 
_ ceding paper (1). Fig. 1 and 2 show that the oxygen ; : : ; ae 
; : of oxygen begins to yield water exclusively. Fig. 3 
, consumption increases as the metal become more ‘ Reng. > : 
, mae shows that aluminum takes a potential of approxi- 
negative. Moreover, the second diffusion current J» 7 ; aan 
»- : ee ae mately —0.5 volt when not polarized externally. This 
decreases less quickly than /,, thus indicating that ya : om hie 
u ; as : potential corresponds to the abscissa of the point 
the bulk concentration of hydrogen peroxide is build- * ' ; 
; ' ; of intersection of curve 1 with the horizontal co- 
‘0 ing up as the reduction of oxygen on aluminum : ; 
ordinate axis (zero current). At this potential of 
proceeds. ‘ , 
ts a “eo —0.5 volt, oxygen is reduced mostly to hydrogen 
s The polarization curve for oxygen reduction, de- . saa ae 5 5 oe 
e we nee rae ' peroxide (Fig. 3). Therefore, in a corrosion process 
termined by application of formula (XVII) of paper 
i — OT : oxygen should be reduced mostly to hydrogen per- 
mT I (1), is plotted in Fig. 3 (curve 2). The conven-. ' : 
¢ ; mine oxide. Actually the presence of hydrogen peroxide 
tional polarization curve is plotted on the same : ; ae ; , 
esta a has been detected long ago in solutions in which 
r- diagram (curve 1). This curve is reported only for a ; : : . 
* ek , - ‘a ; aluminum is undergoing corrosion (2, 3). In a corro- 
qualitative comparison with curve 2 because of the : : ; = 
n ; ; =< . sion process the concentration of hydrogen peroxide 
fluctuations which were observed in its determina- : : nae 
: mes remains small because catalytic decomposition takes 
- tion. Curve 1 corresponds to the superposition of ee . ; 
at place at a rate which is probably of the same order of 
nd three different electrode processes: the oxygen reduc- ap 7 
' maa a ; ' magnitude as the rate of formation. 
tion, the discharge of H* ion, and the anodic oxida- 
3 tion of aluminum. This explains the difference in Zine 
shape with curve 2 which corresponds to the single so ee oe an . : 
; ' lhe case of zine is rather similar to that of alumi- 
- process of oxygen reduction. a , : ; 
num. The investigated range of potentials extends 
ny, oe = This ' ' “ . . 
‘Manuscript received November 7, 1949. This paper from —0.8 to —1.5 volts. For potentials less nega- 
wrepared for delivery before the Buffalo Meeting, October ; . . 
oa oe ee Tene Ce See aeeennegy Sees tive than —0.8 volt inconsistent results were ob- 
0 » LOU. . ° ° ° ° 
tro 2 Present address: Department of Chemistry, Louisiana tained probably because the anodic oxidation of 
.eW 
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zine occurring at such potentials causes a modifica- 
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tion in the properties of the metal surface with 
respect to oxygen reduction. Moreover, one calculates 
from the solubility product of Zn(OH), that at pH 
6.9 a maximum concentration of 10-*-' of Zn** ion 
may exist in solution. The resulting polarographic 
wave interferes with the oxygen determination. 
The polarization curve for oxygen reduction (curve 
2) and the conventional polarization curve are 
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Fic. 1 and 2. Variation with time of the first and second 
diffusion currents of oxygen in the case of aluminum. /; and 
I, are expressed in per cent of their values at time zero 
(3.5 microamperes). Values of the potential are referred to 
the normal hydrogen electrode. Working area of the metal: 
9.00 em?. Buffer solution of pH 6.9. 


plotted in Fig. 4. Curve 1 is reported only for its 
qualitative value. The explanation of the difference 
in shape of both curves is similar to that mentioned 
in the case of aluminum. The negative current ob- 
served in the left segment of the conventional polar- 
ization curve | indicated that the anodic component 
of the polarization current is larger than the cathodic 
one. Anodic oxidation takes place because the po- 
tential of the metal is set by means of the polariza- 
tion circuit at a value for which oxidation can thermo- 
dynamically take place (Z° for Zn is —0.76 volt) (4). 

The apparent number of electrons n and the con- 
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tribution J, of the four-electron process to the total 
current for the oxygen reduction are plotted against 
the potential of the metal in Fig. 4. This diagram 
shows that oxygen may be reduced almost exclusively 
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Fic. 3. Comparison between the conventional polariza- 
tion curve (curve 1) and the polarization curve of oxygen re- 
duction (curve 2) in the case of aluminum (current in milli- 
amperes). Apparent number of electrons and contribution 
of the four-electron reduction process to the total reduction 





current as a function of the potential. Potentials are re- 
ferred to the normal hydrogen electrode. J, is expressed in 
per cent of the total current corresponding to the reduction 
of oxygen. pH 6.9. Working area of the metal: 9.00 em?. 
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Fic. 4. Case of zine. Same notations as Fig. 3 


to hydrogen peroxide over a wide range of potentials. 
It is only for potential values more negative than 
— 1.3 volts that the four-electron process takes place 
at the exclusion of the two-electron process. The 
rapid increase of the oxygen reduction current (curve 
2) in the neighborhood of — 1.25 volts is caused by a 
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corresponding increase in the value of the apparent 
number of electrons n. 

Considerations about the production of hydrogen 
peroxide in the corrosion of zine are similar to those 
mentioned in the case of aluminum. 


Magnesium 


Magnesium cannot be studied in such a complete 
manner as aluminum and zinc. Because of the very 
negative value of the standard potential of the metal, 
anodic oxidation takes place to a large extent. More- 
over hydrogen, evolved in rather large quantities, 
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Fic. 5. Variation with time of the first and second dif 

fusion current of oxygen in the case of magnesium. Same 








conditions as in Fig. 1 and 2. 


TABLE I. Electrolytic reduction of oxygen on magnesium in 
a phosphate buffer at pH 6.9 


Contribution of the four- 


- . le ) »cess to the 
Potential of the Apparent number of tciaginces phot sesayflcadnce tay 


- * so . gen reduction current (in 
metal (volts electronst per cent of the total 
reduction current 
—1.300 4 100 
—1.400 2.38 19 
—1.600 3.71 86 


* Referred to the normal hydrogen electrode. 
+ Caleulated for the values of J; and J. measured at 
t = 3 minutes. 


displaces oxygen from the solution. The experimental 
results obtained in the narrow range of potentials for 
Which this study was possible are shown in Fig. 5. 
With such meager data it would be possible to 
determine only a small fraction of the polarization 
curve and such calculations have not been carried 
out. 

Of more significance are the data pertaining to the 
production of hydrogen peroxide. Table I shows that, 
even at such a negative potential as —1.6 volts, 
there is still production of hydrogen peroxide. At 
—1.4 volts a large fraction of the reduction products 
ishydrogen peroxide. Curiously at —1.3 volts prac- 
tieally no hydrogen peroxide is formed as indicated 
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by the value of n (Table 1). The probable explanation 
of this abnormality is that the magnesium hydroxide 
which is formed in the anodic process either favors 
the catalytic decomposition of the hydrogen per- 
oxide or changes the nature of the surface of metal 
in such a manner that the reduction of oxygen pro- 
ceeds directly to water. At potentials more negative 
than —1.3 volts the anodie attack is not so pro- 
nounced and the surface conditions may be changed. 
Hydrogen peroxide could thus be formed in the 
experiments carried out at —1.4 and —1.6 volts. 





















































6 
: [(mA) | 
| 
; / LP 
3 " 
2 2 
l 
5 E 
+0250 0.000 -0500 -1.000 
4 td 100 
n — bad | 
. a 4e O 
ol, E 
+0.250 0.000 -0500 -1l.000 


Fic. 6. Case of nickel. Same notations as Fig. 3 
Metats with Low HyprRoGen 
PEROXIDE PRODUCTION 


Nickel 
Experiments were carried out over a range of 
potentials extending from +0.1 to —1.0 volt. No 
measurements were carried out at potentials more 
positive than +0.1 volt because of the slowness of 
the oxygen reduction process. The polarization curve 
for oxygen reduction (curve 2) and the conventional 
polarization curve | are plotted in Fig. 6. Curve 1 is 
reported only for qualitative comparison with curve 
2. The main reason for the difference in the shape of 
curves | and 2 is that hydrogen ion is discharged at 
potentials more negative than approximately —0.350 
volt (value determined by comparison of curves | and 
2). Another reason for the difference in shape could 
be the anodic oxidation of the metal. If we assume 
that nickel phosphate is more soluble than nickel 
hydroxide for which we have solubility data one 
concludes that at pH 6.9, Ni*++ ion could exist in 
solution at a concentration as high as 0.4 ion g/l. 
Therefore, we may assume that the product of anodic 
oxidation would be Ni** ion and calculate the equi- 
librium potential for the anodie process from the 
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standard potential. For example for ay;** = 10-* 
one calculates EF = —0.43 volt. Anodic oxidation of 


nickel could thus occur at potentials less negative 
than about —0.4 volt. The fact that curves 1 and 2 
(Fig. 6) are of similar shape in the potential range 
0 to —0.25 volt indicates that this anodic oxidation 
is practically absent. The presence of Ni** ion would 
have interfered with the oxygen determination (5). 

The apparent number of electrons and the con- 
tribution of the four-electron process to the total 
current for oxygen reduction are plotted in Fig. 6. 
This diagram shows that hydrogen peroxide is pro- 
duced over a wide range of potentials although with 
a lower efficiency than with aluminum. The values 
of n, calculated at potentials of +0.05 and +0.1 
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Fic. 7. Case of iron. Same notations as Fig. 3. 


volt, are abnormal because the rate of production of 
H,O: is very low and thus becomes of the same order 
of magnitude as the rate of catalytic decomposition. 
Because of the uncertainty of the value of n at 
+0.05 and +0.1 volt, the curve n = f(F) of Fig. 3 
has been drawn as a dotted line in that range of 
potentials. 


Tron 


Oxygen consumption data were determined for 
several values of the potential of the iron electrode 
from —0.2 to —1.17 volts. The polarization curve 2 
for oxygen reduction and the conventional polariza- 
tion curve are plotted in Fig. 7 (curve 1). Except 
for possible experimental errors, the difference in the 
shape of curves | and 2 results from the fact that 
curve | includes the discharge of H* ion and the 
anodic oxidation of iron in a certain range of po- 
tentials. 
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The apparent number of electrons n and the con- 
tribution of the four-electron process /,, are plotted 
in Fig. 7. This diagram shows that hydrogen per- 
oxide is produced at potentials from —0.2 to —0.6 
volt. This observation was confirmed chemically by 
means of a sensitive test (6) based on the catalytic 
oxidation of reduced phenolphthalein by hydrogen 
peroxide. This test was first used in corrosion studies 
by Teeter (7). Fig. 6 indicates that small amounts of 
hydrogen peroxide are formed at the potential of 
—0.54 that iron would acquire during a corrosion 
process (corresponding to / = 0 for curve 1). The 
opposite opinion has been advanced (2), however, 
although at the time this statement was made a very 
sensitive test for the detection of hydrogen peroxide 
was not available. This difference in opinion may be 
explained as follows. In a corrosion test the oxygen 
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Fic. 8. Case of silver. Same notations as Fig. 3. 


consumption is low and the hydrogen peroxide which 
is possibly produced will undergo catalytic decompo- 
sition at a rate of the same order of magnitude as the 
rate of production. This decomposition is catalyzed 
by iron derivatives (8, p. 61). Our observations 
confirm those of Wieland and Franke (9) who studied 
the reduction of oxygen by iron powder. See also 
the recent work of Patrick and Wagner (10). 


Silver 


Oxygen consumption data were recorded for po- 
tentials in the range +0.1 to —1.2 volts. At po- 
tentials more positive than +0.1 volt the rate of 
oxygen consumption was very low. The polarization 
curve for oxygen reduction and the conventional 
polarization curve are plotted in Fig. 8. The dif- 
ference in the shape of curves | and 2 results from 
the discharge of hydrogen ion and from experimental 
errors. Anodic oxidation of silver with production of 





Vol. § 


silver 
does 
equilil 
(4, p. 


thus, 

The 
tribut 
rent f 
are pl 
for th 
negati 
the ¢: 
and tl 
given 


Oxy 
tentia 
curve 
polari: 
perime 
results 
anodic 

The 


matio1 


The 
lated { 
(4) ac 
(11) is 


thus, 


The 
potent 
prous 
the re: 


Cc 
The e 
termin 


log 


For th 
Qc = 
deriva 
ion g 
termin 

The 
tributi 
rent f¢ 








UMI 





Vol. 97, No. 6 


silver chloride (the buffer solution is 0.2N in KCl) 
does not occur in this range of potentials. The 
equilibrium potential for the formation of AgCl is 
(4, p. 177) 


E = 0.22 — 0.0591 log ac, 


thus, for ac;~ approximately 0.2, E = 0.26 volt. 

The apparent number of electrons n and the con- 
tribution /,, of the four-electron process to the cur- 
rent for oxygen reduction have been calculated and 
are plotted in Fig. 8. The values of n are scattered 
for the experiments carried out at potentials less 
negative than —0.2 volt. This effect results from 
the catalytic decomposition of hydrogen peroxide 
and the explanation is similar to that which has been 
given for the case of nickel. 


Copper 


Oxygen consumption data were recorded for po- 
tentials from +0.1 to —1.15 volts. The polarization 
curve for oxygen reduction and the conventional 
polarization curve are plotted in Fig. 9. Besides ex- 
perimental errors the difference between both curves 
results from the discharge of H* ion and from the 
anodic dissolution of copper. 

The latter reaction occurs probably with the for- 
mation of cuprous oxide according to the reaction 


2Cu + HO = Cu.0 + 2H* + 2e 


The equilibrium condition for this reaction caleu- 
lated from thermodynamic data reported by Latimer 
(4) according to the method developed by Pourbaix 
(11) is 


E = 047 — 0.059 pH 
thus, at pH 6.9 
E = +0.07 volt 


The anodic oxidation of copper can only occur at 
potentials more positive than +0.07 volt. The cu- 
prous derivative formed may dissolve according to 
the reaction 


CuO + 2H*+ + 4Cl = 2Cu Cl.- + H.O 


The equilibrium condition for this reaction as de- 
termined from thermodynamic data is 


log (CuCl ) = 470 — pH + 2 log acer 


For the buffer solution of pH 6.9 used in this work 
a = 0.2. Therefore the activity of the cuprous 
derivative in solution could be as high as 0.25 & 107% 
ion g/l thus interfering with the polarographic de- 
termination of oxygen (5, p. 279 and pp. 307-12). 
The apparent number of electrons n and the con- 
tribution of the four-electron process J, to the cur- 
rent for reduction of oxygen are plotted on Fig. 9 
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against the potential of the metal. The data are 
scattered and it is only possible to draw a hypo- 
thetical curve. The inconsistency in the results is at 
least partially caused by the catalytic decomposition 
of hydrogen peroxide. It has been observed that 
copper derivatives catalyze this decomposition (8, 
p. 62). 
Tin 

Oxygen consumption data have been determined 
for potentials from —0.4 to —1.6 volts. Measure- 
ments were not carried out at potentials less negative 
than —0.4 because of the slowness in the oxygen 
reduction process. The polarization curve 2 for oxygen 
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Fic. 9. Case of Copper. Same notations as Fig. 3. 


reduction and the conventional polarization curve | 
are plotted in Fig. 10. 

The equilibrium potential for the anodic process 
corresponding to the following reaction 


Sn + 2 H.O = Sn(OH), + 2 H+ + Ze 


E = —0.05 — 0.059 pH at 25° C. 
At pH 6.9 
E = —0.45 volt. 


Therefore, anodic oxidation did not occur (except 
for —0.4 volt) and the difference between curves 1 
and 2 results from the discharge of H*+ ion and ex- 
perimental errors. 

The apparent number of electrons n and the con- 
tribution /4, of the four-electron process to the cur- 
rent for the reduction of oxygen are plotted against 
the potential of the metal in Fig. 10. This diagram 
shows that very little hydrogen peroxide can be 
formed by electrolytic reduction of oxygen on a tin 
electrode. 
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Lead 


Oxygen consumption data were recorded for po- 
tentials from 0 to —1.6 volts. The interpretation of 
these polarographic data is complicated by a modifi- 
cation of the oxygen polarogram caused by lead ion 
in solution. It has been observed by Strnad (12) 
that the first oxygen wave is higher than the second 
wave when Pb** ion is present in solution even at a 
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concentration as low as 10-7 ion g/l because of the 
catalytic action of the system Pb*?/Pb** on the re- 
duction of oxygen. The sum of the heights of the first 
and second waves remains unchanged. This catalytic 
effect was observed in our polarographic measure- 
ments. Therefore, when the first oxygen wave was 


higher than the second wave, the average of the 
heights of both waves was calculated. When the 
second oxygen wave was larger than the first the 
actual values of the diffusion currents were plotted. 


The polarization curve for oxygen reduction (curve 
2) and the conventional polarization curve | are 
plotted in Fig. 11. If one assumes that lead phosphate 
is formed by oxidation in the phosphate buffer of 
pH 6.9 used in this investigation according to the 
reaction ’ 


3Pb + 2HPO, = Pb; (POs)2 + 2H* + 6 « 
the equilibrium condition is 
E = —0.20 — 0.0197 pH — 0.0197 log aypo, 


The standard free energy of formation of Pb, 
(PO 4). used in this calculation has been calculated 
from the value of the solubility product of that 
compound (Pb**)* (PO;—~-)? = 10-*:77, This latter 
constant was calculated from the solubility of Pb, 
(PO,)2 reported by Latimer and Hildebrand (13) as 
being 1.4 & 10° g/100 g H.O. In this manner it was 
found that A F° = —542,700 calories at 25° C for 
Pb; (PO,4)s. 

For anactivity — dypo,” ~ = 0.05 ion g/1, and pH 6.9, 
the equilibrium potential for the anodic process is 
—0.30 volt. For less negative potentials the con- 
ventional polarization curve includes an anodic com- 
ponent. This anodic reaction, the discharge of H* ion 
and experimental errors explain the difference in 
shape between curves | and 2. 

The apparent number of electrons n and the con- 
tribution of the four-electron process /,, to the total 
current for oxygen reduction are plotted against po- 
tential in Fig. 11. This diagram indicates that only 
small amounts of hydrogen peroxide may be formed 
in the electrolytic reduction of oxygen. 


COMPARISON OF THE METALS STUDIED 
IN THIS INVESTIGATION 
Influence of the Concentration Polarization of Oxygen 


The data obtained in this investigation were 
affected by concentration polarization of oxygen and 
one may question the validity of the results thus 
obtained. The effect of concentration polarization is 
not detrimental as long as one does not study the re- 
lationship between the electrode potential and the 
current density at the electrode. Therefore the results 
obtained on the relative importance of the two- and 
four-eleetron processes are not appreciably affected 
by concentration polarization. On the other hand all 
the overvoltage data which can be calculated from 
our polarization curves are affected in a unknown 
manner by the concentration polarization of oxygen. 
It would be of great interest to eliminate the concen- 
tration polarization of oxygen in any experimental 
work on oxygen reduction. This could in principle 
be achievel in two ways: first, by increasing the 
concentration of oxygen in solution and second, by 
stirring the solution in such a manner that the rate 
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OXYGEN REDUCTION 


of supply of oxygen at the electrode becomes greater 
than the rate of consumption in the reduction proc- 
esses. The first method cannot be applied very easily 
since the solubility of oxygen in water is low under 
atmospheric pressure. The second method is also 
difficult to apply because the speed of a stirring de- 
vice which would eliminate the concentration polari- 
zation would probably be at least a few thousand 
rpm. This high speed of rotation would bring about a 
number of technical difficulties. Moreover it is not 
certain that the concentration polarization would 
even then be entirely eliminated. Still another 
method would be to evaluate the influence of the 


TABLE II. Reaction potentials cnd overvoltage data for the 
reduction of oxygen on various metals in a phosphate buffer 
of pH 6.9 at a current density of 10-* amp/cm’ 


Contribution 

of the four 
electron pro- 
cesst (in per 


Overvoltaget 


Overvoltage§ 
for the reduc ages 


Reaction po 
ction | for the reduc 


Metals — cent of the pork pe tion to water 
a oxide (volts) | (volts 
reduction) 
Ni —0.00 22 0.38 | 0.81 
Cu —(0).03 0.41 0.84 
Ag —0.03 0.41 0.84 
Pt —0.07 42 0.45 0.88 
Pb —0.33 0.71 1.14 
Fe —(0).47 85 0.80 1.28 
Sn —0.80 100 1.61 
Al —0.90 20 1.28 1.71 
Zn —0.91 10 1.29 1.72 


* Referred to the normal hydrogen electrode. 

+ Catalytic decomposition of hydrogen peroxide for Cu 
Ag, and Pb. 

t The equilibrium potential for the two-electron process 
has been calculated by assuming that 10 per cent of the 
dissolved oxygen available in the cell is reduced to hydrogen 
peroxide, making thus the solution about 4 X 10-° molar 
in H.O». The corresponding equilibrium potential at pH 
6.9 is thus + 0.38 volt (1). 

§ The equilibrium potential at pH 6.9 for the four elec- 
tron process is 0.81 volt (Po, = 0.2 atmosphere) (1). 


concentration polarization by calculation. Such a 
method, however, would probably be a difficult one 
to apply because of the complexity of the problem. 
As a consequence, it does not appear that concentration 
polarization could easily be entirely eliminated in ex- 
perimental wor): on the reduction of oxygen. 


Tabulation of Overvoltage Data 


Since our results are affected by concentration 
polarization it is rather useless to give an extensive 
table of overvoltage values vs. current density for 
the oxygen reduction process. For comparison of the 
different metals studied, overvoltage data for the 
current density of 10-* amp/cm? have been listed in 
Table II by order of increasing overvoltage. The 
reaction potentials listed in this table have been 
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measured on the polarization curve for oxygen re- 
duction. The contribution of the four-electron proc- 
ess to the current for oxygen reduction is tabulated 
for the metals for which this quantity could be de- 
termined with accuracy. 

From Table II it appears that the overvoltages 
affecting the oxygen reduction processes are gen- 
erally high. The tendency for a metal to favor the 
production of hydrogen peroxide cannot be correlated 
to the magnitude of the overvoltage for oxygen re- 
duction. For example, nickel and aluminum, which 
exhibit very different overvoltages, favor equally 
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Fic. 12. Apparent number of electrons n and contribu- 
tion J,, of the four-electron reduction process to the total 
current for oxygen reduction as a function of the potential 
of each metal. Same notations as Fig. 3. 


well the production of hydrogen peroxide at least at 
the current density of 10-* amp/cm*. On the other 
hand tin, whose overvoltages are similar to those of 
aluminum, does not favor hydrogen peroxide pro- 
duction. 


Tendency to Favor Hydrogen Peroxide in the Reduction 
of Oxygen 

The results obtained in this investigation for the 
production of hydrogen peroxide in the reduction 
of oxygen are condensed in Fig. 12. This diagram 
gives the dependence on potential of the apparent 
number of electrons and also the variation with po- 
tential of the contribution of the four-electron process 
to the total current for oxygen reduction. The dia- 
gram shows that hydrogen peroxide is always formed 
in the electrolytic reduction of oxygen. For some 








212 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 


metals, aluminum and zine for instance, the reduc- 
tion of oxygen may proceed almost exclusively to 
hydrogen peroxide in a certain range of potentials. 
For other metals, such as platinum and nickel, both 
the two- and the four-electron processes take place 
simultaneously over a wide range of potentials. For 
other metals such as iron and copper, the catalytic 
decomposition of hydrogen peroxide prevents the 
building up of the concentration of that compound. 
CONCLUSION AND IMPLICATIONS FOR 
Corrosion MECHANISMS 

Two kinds of results were obtained in this in- 
vestigation. First, a new method was developed for 
the indirect determination of polarization curves. 
This method was applied to the study of the electro- 
lytic reduction of oxygen. Second, the proportion in 
which oxygen is reduced to hydrogen peroxide and to 
water was determined at various potentials for a 
series of nine metals. It was found that hydrogen 
peroxide is produced by reduction of oxygen at 
potentials that would normally be encountered in the 
corrosion processes of the metals studied in this 
investigation. 

The production of hydrogen peroxide may possibly 
play an important role in the interpretation of cor- 
rosion phenomena. It was indeed found by Van 
{ysselberghe and co-workers (14-16) that hydrogen 
peroxide may react in an acid medium with carbonic 
acid to form percarbonic acid. Furthermore, this 
percarbonic acid can be reduced to water and car- 
bonic acid in a reaction which occurs at less negative 
potentials than the reduction of hydrogen peroxide. 
As a result, it is easier to reduce oxygen in a four- 
electron process in presence of a small amount of 
carbonic acid than is the case without carbonic acid. 
Such an interpretation of the role of carbonic acid 
was recently applied by Hoxeng and Prutton (17) to 
the case of the corrosion of zine in solutions contain- 
ing bicarbonate ion. 

A possible application of the method would be the 
study of the reduction of oxygen in presence on 
inhibitors. 


ACKNOWLEDGMENT 
This work is part of research project entitled 
“Polarographic Study of Corrosion Phenomena”’ 





June 1950 


carried out at the University of Oregon under con- 
tract with the Office of Naval Research. The author 
wishes to thank Professor Van Rysselberghe, Di- 
rector of the project, for his advice as well as for the 
discussion of the contents of the present paper. 


Any discussion of this paper will appear in a discussion 
Section, to be published in the December 1950 issue of the 
JOURNAL. 


REFERENCES 


1. P. Devanay, J. Electrochem Soc., 97, 198 (1950). 

2. F. N. Spevier, ‘‘Corrosion, Causes and Protections,” 
p. 51, MeGraw-Hill Book Company, Inc., New York 
(1935). 

3. J. R. Churchill, Trans. Electrochem. Soc., 76, 341 (1939), 

$4. W. M. Latimer, ‘“The Oxidation States of the Elements 
and their Potentials in Aqueous Solutions,’”’ Prentice- 
Hall, Ine., New York (1938). 

5. I. M. Kournorr ann J. J. Lincane, ‘“‘Polarography,” 
Interscience Publishers, Inc., New York (1941). 

6. O. ScHaes, Ber., 71B, 447 (1938). 

7. T. E. Teerer, ‘‘Polarographic Studies on the Cor- 
rosion of Lead-Tin Alloys,’’ Thesis, University of 
Oregon, Eugene, Oregon (1949). 

8. W. Macuu, “Das Wasserstoffperoxyd und die Perver- 
bindungen,”’ Julius Springer, Vienna (1937). 

9. H. Wretanp AND W. FRANKE, Liebigs Ann. Chem., 
469, 251 (1929). 

10. W. A. Patrick anp H. B. WaGNer, Corrosion, 6, 34 
(1950). 

11. M. Poursarx, ‘“Thermodynamique des Solutions Aque- 
uses Diluées. Représentation Graphique du Réle du 
pH et du Potentiel,’’ Meinema, Delft (1945). Also 
Béranger, Paris (1948). An English translation is to 
appear soon (Arnold, London). 

12. F. Svrrnap, Collection Czechoslov. Chem. Commun., 11, 
391 (1939). 

13. W. M. Latimer ANnp J. H. HitpesrRanp, ‘Reference 
Book of Inorganic Chemistry,” p. 528, The Maemillan 
Company, New York (1940). 

14. P. Van RyssELBERGHE, ‘“‘Polarographie Study of Cor- 
rosion Phenomena,”’ Technical Report to the Office 
of Naval Research. Deposited at Library of Congress, 
Washington, D. C. (1947). 

15. P. VAN RysseL_BerRGHE, J. M. McGer, A. H. Gropp, 
R. D. WititaAms, aNd P. DeLanay, Corrosion and 
Material Protect., 5, 11 (1948). 

16. P. VAN RyssELBERGHE, P. Dextanay, A. H. Gropp, 
J.M. McGee, ano R. D. Witiiams, J. Phys. & Colloid 
Chem. (In Course of Publication). 

17. R. B. Hoxene anv C. F. Prutron, Corrosion, 5, 330 
(1949). 








In 
meth 
are f 
tion 
bility 
of tl 
inter 
as W 
cond 


TI 
obta 
logic: 
rarel 
mal 
buffe 
note 
and 
that 
pone 
more 


’ defin 


scent 
7.7 ¢ 
more 
scen 
into 
rate 
Long 
case 
stati 
new 
It w 
wort 
corre 


1) 


prepée 
May 


2§ 











Boundary Anomalies and Artifacts in Electrophoresis 


Kurt G. STERN AND MiriAM REINER 


Department of Chemistry, Polytechnic Institute of Brooklyn, and the Division of Chemistry, 
The Mount Sinai Hospital, New York, New York 


ABSTRACT 


The paper deals with the anomalies inherent in the dissymetry of the ascending and 
descending boundaries, with stationary boundary anomalies and interaction phenomena 
as well as electrophoretic boundary spreading. Artifacts due to convective and electri 
eal disturbances are analyzed and the behavior and detection of false or spurious bound- 


aries are discussed. 


In the study of colloids by the moving boundary 
method of electrophoresis, anomalies and artifacts 
are frequently encountered. They affect the defini- 
tion of individual boundaries, their number or mo- 
bility. An understanding of the nature and causes 
of these phenomena is important for the correct 
interpretation and evaluation of the results obtained 
as well as for the selection of optimal experimental 
conditions. 


ANOMALIES 


The ascending and descending boundary patterns 
obtained in electrophoretic studies of complex bio- 
logical mixtures such as blood serum or plasma are 
rarely identical. An example is the diagram of nor- 
mal human plasma when examined in barbiturate 
buffer, pH 8.6, ionic strength 0.1 (Fig 1). It will be 
noted that the number of components in the rising 
and descending boundary patterns is the same, but 
that the degree of resolution of the individual com- 
ponents in the former is somewhat greater. Further- 
more, the rising albumin boundary is more sharply 
defined (steeper and thinner) than that on the de- 
scending side. When using phosphate buffer of pH 
7.7 and 0.2 ionic strength, this dissymmetry is even 
more pronounced.” It will be noted also that the de- 
scending boundary of 8-globulin is apparently split 
into two components. When employing the barbitu- 
rate buffer, a minor component, designated as a; by 
Longsworth, is separated from albumin, while in the 
‘ase of the phosphate buffer it fails to do so. The 
stationary 6 and e peaks (see Fig. 1) are not due toa 
new protein component, as was originally assumed. 
It was shown subsequently by Tiselius and Longs- 
worth that the « boundary of the descending pattern 
corresponds to a gradient in buffer salt concentra- 


‘Manuscript received June 14, 1949. Based on a paper 
prepared for delivery before the Philadelphia Meeting, 
May 4 to 7, 1949. 


* See page 333, Fig. 7, reference (1). 
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tion, while the larger 6 boundary in the ascending 
limb is caused by concentration gradients of buffer 
as well as protein components. 

For a discussion of the stationary boundary anom- 
alies, reference is made to the paper by Longsworth 
(1), and to that of Svensson (2). As the latter points 
out, stationary false boundaries are predicted by the 
classical theory developed by the early workers in 
the field of electrophoresis.* , They may be minimized, 
or even suppressed by choosing as supernatant a 
buffer solution of slightly higher ionic strength than 


that of the underlying colloid buffer mixture (3) 
(Fig. 2). 
As a rule, the rising boundaries exhibit a higher 


mobility, and a smaller area than the corresponding 
boundaries in the descending pattern. No general 
agreement has as yet been reached as to which of 
these patterns should be used for the computation of 
the results of electrophoretic experiments. However, 
the absence of the B-anomaly and the somewhat 
better resolution of the individual protein compo- 
nents of the ascending boundary diagram render it 
easier to evaluate. Frequently, the values reported 
for the mobility and concentration of the com- 
ponents represent the mean of the values derived 
from the ascending and descending diagrams. Ex- 
perimentally, the differences between the ascend- 
ing and the descending boundary patterns may be 
minimized by increasing the ionic strength of the 
medium through the addition of neutral salts or by 
decreasing the colloid concentration (2). For valid, 
theoretical reasons, Longsworth prefers to compute 
mobility as well as concentration data from the de- 
seending pattern. 

The nature of the B-anomaly mentioned above re- 
mains obscure. Longsworth, ef al. (4) attribute it to 


’ More recently, V. P. Dole (2a) has formulated a theory 
of moving boundary systems formed by strong electrolytes. 
This theory is able to account for many of the experimen- 
tally observed boundary anomalies. 
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a convection phenomenon which is caused by a reac- 
tion taking place in the neighborhood of the £- 
globulin boundary, subsequent to the electrophoretic 
separation of the constituents. It was pointed out 
that the 8-globulin boundary in the descending but 
not in the ascending limb of the electrophoresis cell 
moves in the absence of albumin and a-globulin. 
These workers also noted that occasionally a turbid- 
ity develops at the site of the disturbance. It seems 
likely that the presence of considerable amounts of 
lipides associated with the 6-globulin fraction (6- 
lipoprotein of E. J. Cohn, et al.) is connected with 
this phenomenon. The sharp spike which character- 
izes the B-anomaly (see Fig. 1) is reminiscent of a 





Fic. 1. Electrophoretic diagrams of (r) the rising and (d 
the descending boundaries of a human plasma, diluted 1:2 
and dissolved in O.1IN Na diethyl-barbiturate—0.02A 
diethyl-barbiturie acid buffer at pH 8.6. Diagrams were 
recorded by schlieren-secanning method after electrolysis 
for 14,000 see at 5.38 volts per em. [From reference (1 


teproduced, by permission, from Chemical Reviews.| 


total reflection phenomenon, particularly in view of 
the negative gradient which is frequently its com- 
panion. For a detailed discussion of this phenomenon 
reference is made to the monograph by Abramson, 
et al. (5). A negative density gradient might also be 
partly responsible for this phenomenon, in view of 
the low specific gravity of the 8-lipoprotein. For a 
discussion of a similar anomaly, observed in the 
ultracentrifuge, see Gofman’s recent paper (5a). 
The reason for the difference in shape of the peaks 
of protein components in the two limbs of the cell 
is to be sought in the hydrogen-ion concentration as 
well as conductivity gradients which are superim- 
posed on the protein concentration gradient. Thus, 
the electric field strength existing at the leading edge 
of the descending boundary exceeds that of the trail- 
ing edge. The result is that molecules near the former 
migrate more rapidly than those near the latter, caus- 
ing a boundary spread greater than that expected 
for diffusion alone. The sharpening of the ascending 
boundaries is due to the fact that here the situation 
is reversed. There is a tendency for partial compensa- 
tion of the conductivity effects by pH effects which 
operate in the opposite direction. In instances such 


as the electrophoresis of glutamic acid (6) where the 
PH effect predominates over the conductivity effect, 
the descending boundary is more sharply defined 
than the ascending one. A detailed discussion wil] 
be found in the paper by Svensson cited above and 
in a recent review article by Alberty (7). 








Fic. 2. Effect of variation of the composition of the 


supernatant buffer solution on stationary boundary anom 
alies (6 and e). Electrophoretic diagrams of rising (right 
and descending (left) boundaries of human myeloma plasma 
in barbiturate buffer. 7op, diagrams obtained using super 
natant buffer of same composition as that of the diluted 
plasma. Bottom, diagrams obtained using supernatant buffer 
solution 8 per cent more concentrated than that of the pro 
tein solution. [From reference (3). Reproduced, by permis- 
sion, from Helvetica Chimica Acta.| 


The spreading of boundaries during electrophore- 
sis is frequently due to the electrochemical inho- 
mogeneity of the colloid under study. Thus, the y- 
globulin boundary shows a much greater spread in 
the course of electrophoresis than could be accounted 
for by diffusion alone (8). It is known that this frac- 
tion contains ‘“‘normal’’ y-globulin as well as anti- 
bodies against a variety of antigens (9). This mixture 
may be separated into several fractions through 
utilization of differences in solubility (9) as well as 
by the electrophoresis convection technique (10, 11). 

In order to test whether the electrophoretic bound- 


ary spreading exceeds that due to diffusion alone, it 








Vol. 9 


is reco 
perfor: 
low cu 
spread 
album 
Sharp. 

The 
tributi 
point 
inhom 
repres 
distri 
bound 
ences 
withe 
papers 
pletel; 
that i 
and t! 
bound 
bound 
tradic 
first o 
anom: 
by ad 
solutic 
loidal 
the bl 
troche 
produ 
tween 
tion. ' 
the fi 
less S\ 
cell, v 
to one 
while 
time. 
crease 
an ion 
low ¢ 
gradie 
reache 
a colle 
be ret 
that 1 
sharp 
occur 


direct 


Alt] 
betwe 
experi 
cause 
of the 














Vol. 97, No. 6 


is recommended that electrophoresis experiments be 
performed near the isoelectric point of the protein at 
low current strength (12). Studies of electrophoretic 
spreading phenomena with the aid of purified serum 
albumin and other proteins have been carried out by 
Sharp, ef al. (13), and more recently by Alberty (14). 

The latter workers have utilized the mobility dis- 
tribution in a protein boundary near the isoelectric 
point for the derivation of a quantitative measure of 
inhomogeneity, the so-called heterogeneity constant, 
representing the standard deviation for the mobility 
distribution. A thorough theoretical treatment of 
boundary anomalies, particularly those due to differ- 
ences in ionic composition of the solutions in contact 
with each other, will be found in Svensson’s and Dole’s 
papers cited above. Svensson points out that com- 
pletely normal boundary behavior represents an ideal 
that is never realized in practice. The conductivity 
and the field strength are constant throughout the 
boundary system only in the ideal case. The moving 
boundary method, free from all anomalies, is a con- 
tradiction in itself (15). However, as Tiselius (16) 
first observed, it is possible to minimize greatly the 
anomalies inherent in the moving boundary method 
by adding sufficient amounts of electrolytes to both 
solutions and employing a low concentration of col- 
loidal ions. It is important to differentiate between 
the blurring of a boundary which is caused by elec- 
trochemical inhomogeneity of the colloid and that 
produced by conductivity and pH differences be- 
tween the colloid and the supernatant buffer solu- 
tion. They may be distinguished by the fact that, in 
the first case, the boundary spread occurs more or 
less symmetrical in both limbs of the electrophoresis 
cell, whereas in the second case, blurring is limited 
to one of the boundaries, usually the descending one, 
while the other increases in sharpness at the same 
time. This will occur whenever the conductivity in- 
creases in the direction of boundary motion, since 
an ion trailing the others finds itself in a medium of 
low conductivity, and consequently high potential 
gradient, which will cause an acceleration until it 
reaches the boundary once more. By the same token, 
a colloidal ion which has overtaken the boundary will 
be retarded by the lower field strength existing in 
that region. It is evident that the opposite of this 
sharpening effect, i.e., blurring of a boundary, will 
occur if the conductivity increment is negative in the 
direction of migration (2). 


ARTIFACTS 
Although it is difficult to draw a sharp distinction 
between anomalies and artifacts in electrophoresis 
experiments, the latter may be defined as being 
caused by technical imperfections in the arrangement 
of the experiments which may be remedied without 
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changing the basic condition. The most frequent 
single cause of artifacts is convection. This phenome- 
non manifests itself in irregularities of boundary shape 
which in extreme instances may lead to complete 
dissipation of the boundary in the electrophoresis 
cell. 

As Tiseltus and Svensson have emphasized, 
boundaries may be expected to be stable only if there 
exists a “normal” density gradient in the cell, in 
other words, if the density of the supernatant buffer 
solution is lower than that of the underlying colloid 
solution. The same postulate also holds for more 
complex systems such as serum, which give rise to a 
series of boundaries through electrophoretic separa- 
tion of colloidal ions of different mobilities. Since 
the density differences between the protein and the 
buffer solution are usually very small to begin with, 
inverted density gradients and, hence, convection, 
are readily caused by relatively small temperature 
changes at the boundary producing corresponding 
density variations. It was only after the development 
of electrophoresis cells of narrow cross-section and the 
selection of low temperatures near the density maxi- 
mum of the protein and buffer solutions (17) that 
fields of appreciable current strength could be em- 
ployed in electrophoresis experiments with the mov- 
ing boundary method. The heat produced through 
passage of currents during electrophoresis is a func- 
tion of the potential gradient and the conductivity 
of the solutions. Tiselius (17) found that heat effects 
may cause boundary disturbances at low tempera- 
tures if the heat production exceeds 10-* watts/ml 
at a protein concentration of 2 per cent. Thermal 
convection manifests itself through a sharpening of 
the boundary and the upward streaming of a fine 
vortex of dilute protein solution in the center of the 
tube. 

An important advantage of working at low tem- 
peratures near the density maximum of the solvent 
is that the slope of the curve representing the varia- 
tion of density with temperature is likewise at a 
minimum (18). It follows that the same temperature 
rise, When occurring in the low temperature range, 
will produce a smaller change in density than it 
would near room temperature. It has been deter- 
mined experimentally (19) by passing alternating 
current through a Tiselius cell containing a sucrose 
gradient in buffered solution of 0.2 ionic strength and 
held at 0.45°C, that 6-8 watts may be dissipated 
safely under these conditions without producing con- 
vection. Moore (20) has shown that convection in 
the form of numerous false boundaries may be arti- 
ficially produced by addition of 2.58M urea to human 
serum. This phenomenon was explained by the rela- 
tively large change in density with temperature for 
urea solution of this concentration in the region of 
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0°-4°C. When employing protein concentrations of 
2-3 per cent, the temperature of maximum density 
is not appreciably shifted as compared to the buffer 
system alone. Recently, the temperature aspect of 
electrophoresis has been reinvestigated by Johnson 
and Shooter (21) who conclude that the field strength 
permissible at 20°C amounts to one-third of that pos- 
sible at 4°C. However, the corresponding increase in 
time of migration over a given distance in the cell is 
partly compensated by the decrease in viscosity and 
subsequent increase in mobility at the higher tem- 
perature. 

During the electrophoresis of colloid particles, elec- 
tro-osmotic flow of the solvent will take place near the 
cell walls which acquire an electric charge. This 
effect assumes considerable importance in flat, thin 
cells of the type employed in microcataphoresis ex- 
periments,’ so that correct mobilities are measurable 
only at two so-called stationary levels corresponding 
to 0.21 and 0.79 of the total depth of the cell. On 
the other hand, electro-osmotic streaming in the rec- 
tangular cells used in moving boundary experiments 
does not, as a rule, cause serious interference because 
of the small volume of solvent which is returned 
near the walls. However, in special cases, the moving 
boundaries of colloids may be appreciably affected 
by this phenomenon. Thus, McFarlane (22) as well 
as Shedlovsky and Smadel (23) observed marked 
electro-osmotic streaming of boundaries of elemen- 
tary bodies of vaccinia during electrophoresis. 
MeFarlane attributed the endosmotic effect to a 
coating of the cell walls with virus particles in con- 
trast to the behavior of molecules of ‘‘soluble’”’ pro- 
teins. Shedlovsky and Smadel demonstrated the im- 
portance of concentration effects, i.e., of the density 
gradient in the cell, on the extent of the streaming. 
This was most marked with dilute suspensions of 
washed virus particles, while it was barely noticeable 
in concentrated suspensions. They also observed that 
the addition of normal rabbit serum and of ‘“S” 
antigen of vaccinia suppresses the effect. The role of 
the soluble proteins moving at a rate similar to that 
of the suspended virus particles is interpreted as the 
establishment and maintenance of a positive density 
gradient during electrophoresis which opposes dis- 
turbances caused by the endosmosis. These workers 
also demonstrated that the mere establishment of an 
initial density gradient by the addition of sucrose 
failed to eliminate the streaming artifact because the 
sucrose boundary was soon left behind by the moving 
virus particles. 

In studies of the electrophoretic behavior of 
purified diphtheria antitoxin in different buffers, 
Northrop (24) and Rothen (25) observed an anoma- 
lous boundary spread and attributed it to electro- 


‘See page 48, reference (5). 
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osmotic effects, although no streaming was detect- 
able. The addition of 0.05.47 CaCl. suppressed the 
anomaly completely. 

Several years ago, severe convective disturbances 
were observed (26), when the ground glass plates of 
the Tiselius electrophoresis cells were lubricated with 
Celloseal (a proprietary grease prepared from poly- 
merized residues of molecular distillation of castor 
oil components) instead of the lubricant recom- 
mended by Tiselius (a mixture of liquid paraffin and 
white vaseline). In the descending, as well as the 
ascending limb, a number of hypersharp, false bound- 
aries appeared, when human blood serum of plasma 
Was examined (Fig. 3). 
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Fia. 3. Convection produced in electrophoretic diagram 
of human plasma by interaction of proteins with lubricant 
of cell [K. G. Stern and A. H. Schein (26)]. 
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It could be shown that the phenomenon was due to 
interaction between the lubricant and serum pro- 
teins, possibly resulting in the formation of lipo- 
protein complexes. No disturbance was observed, 
when dialyzed yeast extracts were substituted for 
blood serum (27). 

More recently, a number of workers (21, 30, 31) 
have independently observed convection phenomena 
in the course of the electrophoresis of crystalline bo- 
vine serum albumin in phosphate buffer, pH 7.5- 
7.8, ionic strength 0.1 and 0.2 at different tempera- 
tures and potential gradients. Johnson and Shooter 
(21) were able to stabilize the albumin boundary 
through the addition of gum arabic to the system. It 
is possible that this phenomenon, illustrated in Fig. 4, 
which is absent when the phosphate buffer is re- 
placed by barbiturate buffer, of pH 8.5 and 0.1 
ionic strength, or in unfractionated serum in the 
same phosphate buffer, has some connection with 
the use of certain higher alcohols, e.g., decanol, to 
induce crystallization of the albumin, in E. J. Cohn’s 
low temperature alcohol method. If this should be 
confirmed, this observation, together with the afore- 
mentioned Celloseal experiments, might shed some 
light on the 8-globulin anomaly. 
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BOUNDARY ANOMALIES AND 


The chief mechanical disturbance that may give 
rise to artifacts is the passage of boundaries through 
the bottom compartment of the electrophoresis ce'l 
(2. 17). If this happens the protein column becomes 
gravitationally unstable due to the production of a 
negative density gradient in the cell. This effect is 
minimized, but not eliminated by the replacement of 
the usual flat bottom section by an angular or round 
one as proposed by Tiselius. 

Until recently it was believed that the chief source 
of electrical disturbances in electrophoresis experi- 
ments was a faulty insulation between the two limbs 
of the cell which gives rise to direct current loops. 














Fic. 4. Convective disturbances in descending bounda- 
ries of crystalline bovine plasma albumin (1 per cent) in 
phosphate buffer, pH 7.5, ionie strength, 0.2. Top and 
bottom diagrams from two different experiments, recorded 
by Philpot method. (K. G. 
ments). 


Stern, Unpublished Experi 


In unpublished experiments, with the cooperation of 
Mr. L. Lipschultz, the present authors have ob- 
served serious convective disturbances due to al- 
ternating current ripple of varying strength which 
was superimposed over the usual d-c field passing 
through the electrophoresis cell (Fig. 5). When using 
commercial power supplies of the electronic rectifier 
type, it is important to ascertain the extent of a-c 
ripple which should be less than 0.1 per cent of the 
total current passing through the cell. 

Certain anomalies and artifacts may arise through 
interaction between various colloidal components 
when studying complex systems as well as from in- 
teraction of colloid ions with the buffer salts. An 
example of the first type of interaction are the ex- 
periments of Longsworth and MacInnes (28) with 
mixtures of crystalline ovalbumin and pentosenu- 
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cleic acid. In these experiments, complex formation 
between the protein and nucleic acid in the isoelec- 
tric region under certain experimental conditions pro- 
duced marked asymmetries such as different numbers 
of boundaries in the rising and descending limbs of 
the cell. An example for the second case of interaction 
is the observation of an extra component of high mo- 
bility in electrophoretic experiments with human 
plasma in the presence of a mixture of lithium 
diethyl barbiturate and lithium chloride as buffer 
components (29). However, the suggestion of these 
authors that the new boundary represents a complex 
between diethyl barbiturate ions and one of the 
plasma proteins has been challenged by Svensson (2) 
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Fic. 5. Artifacts produced during electrophoresis of 
normal and pathological human serum in barbiturate buffer, 
pH 8.6, ionic strength, 0.1, through alternating current 
ripple superimposed on direct current passing through cell, 
(K. G. Stern and M. Reiner, Unpublished Experiments). 


who interprets the phenomenon observed by Moore 
and Lynn in terms of a false moving boundary which 
is due to the presence of two negative ions in the 
buffer system. He points out that theoretical con- 
siderations predict that if more than two ion species 
are present in both the colloid solution and the 
supernatant, false moving boundaries with mobili- 
ties intermediate between the two ionic species 
should arise. 


CONCLUDING REMARKS 


The list of anomalies and artifacts observed in ex- 
periments with the moving boundary method of 
electrophoresis could be considerably expanded. 
However, the examples discussed here are considered 
fairly representative of the phenomena which are 


likely to be encountered when using this technique. 
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They serve to emphasize the importance of a de- 


tailed analysis for a proper understanding of the 
fundamental principles involved as well as for a 
critical evaluation of the results obtained. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1950 issue of the 
JOURNAI 
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